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PREFACE 


The  author  believes  that  a  course  in  qualitative  analysis 
should  accomplish  several  objects.  It  should  serve  as  a  means 
of  reviewing,  fixing  in  the  mind  of  the  student,  and  extend¬ 
ing  his  knowledge  of  the  principles  of  general  chemistry.  On 
the  experimental  side  its  aim  should  be  to  train  the  beginner 
to  acquire  methods  of  careful  manipulation  and  to  do  exact, 
dependable,  and  intelligent  work.  To  this  end  an  attempt  has 
been  made  to  present  the  experimental  exercises  in  a  concise 
form  and  to  give  laws  and  theories  in  such  a  way  that  the 
student  may  understand  and  correctly  interpret  his  observations 
and  results. 

The  book  has  been  divided  into  chapters,  and  in  this  respect 
it  is  a  departure  from  the  usual  type.  An  effort  has  been 
made  to  take  up  the  theoretical  side  of  the  subject  so  that  the 
requisite  information  for  the  interpretation  of  a  particular  result 
is  considered  before  the  experimental  work  is  performed.  In 
general,  the  material  of  a  chapter  is  grouped  in  the  following 
order :  First,  a  theoretical  discussion  of  underlying  principles ; 
second,  a  discussion  of  the  procedure  for  the  analysis  of  the 
ions  of  a  given  group ;  third,  experiments  whose  aim  is  to  give 
the  specific  chemical  properties  of  each  of  these  ions ;  fourth, 
the  procedure  by  which  the  ions  are  separated  and  detected. 
Questions  usually  accompany  the  directions  for  each  experi¬ 
ment,  and  a  list  is  appended  to  each  chapter.  They  are  given 
for  the  purpose  of  arousing  in  the  student  an  inquiring  attitude 
toward  his  work,  and  of  leading  him  to  a  better  understanding 
of  the  subject; 

This  textbook  of  instruction  is  designed  for  the  use  of  students 

who  have  had  a  rather  thorough  course  in  general  inorganic 
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chemistry.  Hence,  extended  explanation  of  the  simpler  proc¬ 
esses,  interpretations  of  many  elementary  reactions,  and  almost 
all  equations  have  been  omitted.  Reference  books  of  qualitative 
chemical  analysis  and  general  inorganic  chemistry  are  assumed 
to  be  available  at  all  times. 

If  a  shorter  course  of  instruction  than  is  presented  here  is 
desired,  it  will  be  sufficient  to  omit  the  less  important  experi¬ 
ments  and  less  significant  theoretical  parts.  In  case  the  actual 
procedures  for  the  detection  of  the  cations  and  the  anions  are 
of  such  length  that  they  may  not  be  covered  conveniently  in 
the  time  allotted  to  this  subject,  it  will  be  advisable,  I  believe, 
to  take  up  the  procedures  in  the  given  order  and  to  master 
thoroughly  a'  few  of  them  rather  than  to  work  in  a  superficial 
or  haphazard  manner  in  attempting  to  cover  more  ground. 

In  writing  this  text  I  have  secured  information  from  all 
convenient  sources.  I  wish  to  acknowledge  my  indebtedness 
to  such  excellent  textbooks  of  qualitative  chemical  analysis  as 
those  by  A.  A.  Noyes,  Julius  Stieglitz,  F.  P.  Treadwell,  Wilhelm 
Bottger,  and  A.  B.  Prescott  and  O.  C.  Johnson.  Several  methods 
of  these  authors,  especially  of  Stieglitz  and  of  Noyes,  have  been 
utilized.  I  wish  also  to  express  my  heartiest  appreciation  to 
Professor  L.  W.  Jones  of  Princeton  University,  to  Professor 
F.  C.  Whitmore  of  Northwestern  University,  and  to  Professors 
F.  U.  MacDougall  and  F.  W.  Bliss  of  the  School  of  Chemistry 
of  the  University  of  Minnesota  for  their  helpful  suggestions 
and  generous  assistance.  Acknowledgments  of  sources  of  infor¬ 
mation  are  given  in  various  references,  but  it  is  quite  probable 
that  there  are  many  to  whom  I  have  failed  to  give  their  just 
credit ;  if  so,  I  beg  of  all  to  accept  my  apologies. 

In  conclusion,  I  should  be  grateful  to  anyone  who  will  be 
kind  enough  to  bring  to  my  attention  any  errors  or  omissions. 


M.  C.  SNEED 
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INTRODUCTION 


THE  SCOPE  OF  QUALITATIVE  CHEMICAL  ANALYSIS 
AND  OF  THIS  BOOK 

Qualitative  chemical  analysis  deals  with  the  methods  of  ascer¬ 
taining  the  components  and  constituents  of  a  given  material,  and 
the  laws  and  theories  upon  which  the  analytical  processes  are 
based.  The  ingredients  to  be  identified  may  be  the  constituent 
elements  of  a  compound,  the  radicals  of  a  given  substance,  water 
in  a  hydrate,  or  the  components  of  a  mixture  such  as  granite. 
If  the  process  leads  to  a  determination  of  the  elementary  compo¬ 
sition  of  a  given  substance,  it  is  called  ultimate  analysis ;  if  it 
leads  to  an  identification  of  the  radicals  or  groups  of  a  compound, 
or  the  compounds  in  a  mixture,  it  is  termed  proximate  analysis. 

It  is  necessary  to  have  a  thorough  knowledge  of  the  specific 
properties  and  the  characteristic  reactions  of  an  ion,  an  element, 
or  a  compound  in  order  to  distinguish  it  from  another  substance. 
Since  it  is  impossible  to  do  accurate,  dependable,  and  intelligent 
analytical  work  without  being  familiar  with  chemical  reactions 
and  properties,  a  large  number  of  experiments  designed  for  the 
purpose  of  giving  the  requisite  information  should  be  mastered,  in 
order  that  a  conclusive  analysis  may  be  accomplished.  Further¬ 
more,  in  most  cases  much  time  and  energy  are  saved  and  more 
dependable  results  are  obtained  by  following  a  systematic, 
orderly,  and  scientific  procedure  for  the  identification  of  sub¬ 
stances  than  by  attacking  a  problem  in  a  haphazard  manner. 
Accordingly  qualitative  chemical  analysis  may  be  logically 
divided  into  three  parts  :  first,  the  study  of  chemical  reactions 
and  specific  and  characteristic  tests  by  which  a  substance  — 
ionic,  elementary,  or  compound  —  is  distinguished  and  identified ; 
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second,  individual  work  in  systematic  analytical  procedures ; 
and,  third,  a  consideration  of  the  laws  and  theories  which  give 
a  logical  interpretation  of  the  empirical  processes  used. 

In  order  to  identify  an  ingredient,  the  analyst,  by  the  use  of 
suitable  substances,  usually  changes  it  into  another  compound  of 
known  characteristics  or  constitution.  Such  transformations  are 
termed  analytical  tests ,  and  the  substances  used  for  bringing  about 
such  changes,  the  reagents.  Generally  several  reagents  must  be 
used  before  a  substance  is  finally  recognized.  For  qualitative 
tests  only  those  reagents  are  applicable  which  give  reactions  that 
are  easily  perceptible  to  the  senses.  Sometimes  the  sense  of 
smell,  taste,  or  touch  is  used  to  obtain  evidence  of  the  presence 
or  absence  of  a  substance,  but  in  qualitative  analysis  such  evi¬ 
dence  is  usually  gained  through  visual  sensations.  Indeed, 
because  of  the  fact  that  many  of  the  compounds  with  which  the 
analyst  has  to  deal  are  poisonous,  it  is  often  dangerous  to  use 
either  the  sense  of  smell  or  that  of  taste. 

The  greater  number  of  qualitative  reactions  are  carried  out 
in  solution,  but  in  many  cases  substances  are  caused  to  inter¬ 
act  in  the  dry  state.  Thus  reactions  may  be  divided  into  two 
classes :  namely,  those  which  are  brought  about  in  the  dry  way 
and  those  in  the  wet  way. 

Tests  made  in  the  dry  way.  Usually  these  reactions  are  em¬ 
ployed  as  preliminary  or  confirmatory  tests,  but  they  may  be 
used  in  some  cases  to  effect  a  complete  analysis.  The  changes 
produced  in  the  dry  way  may  be  either  chemical  or  physical. 
The  most  important  ones  depend  upon  the  phenomena  exhibited 
by  substances  when  tested  in  the  following  ways: 

1.  By  determination  of  the  melting  point.  Wide  use  is  made 
of  melting-point  determinations  in  the  identification  of  organic 
compounds.  For  example,  if  a  compound  under  consideration 
crystallizes  in  yellow  prisms  or  leaflets,  is  found  to  be  sparingly 
soluble  in  cold  water,  more  soluble  in  alcohol,  to  yield  a  diffi¬ 
cultly  soluble  yellow  salt  of  potassium,  and,  in  addition,  to  melt 
at  122°,  it  would  be  safe  to  call  the  substance  picric  acid. 
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2.  By  flame  reaction.  Sodium,  lithium,  potassium,  calcium, 
barium,  strontium,  and  copper  salts  give  characteristic  reactions 
when  heated  in  the  Bunsen  flame.  Other  elements  give  specific 
spark  or  arc  spectra  by  which  they  may  be  identified.  In  such 
an  analysis  use  is  made  of  the  spectroscope.  The  Bunsen  flame 
serves  as  a  convenient  method  of  producing  spectra,  but  its  use 
is  limited,  since  its  heat  is  insufficient  to  volatilize  many  metallic 
salts.  Spark  spectra  are  produced  by  electric-spark  discharges 
and  show  lines  due  to  the  volatilization  of  the  substances  of 
which  the  terminals  are  composed.  Moreover,  the  spectrum  of 
a  substance  may  be  obtained  by  placing  it  in  the  arc  formed 
between  carbon  poles.  Both  the  spark  and  the  arc  offer  means 
of  obtaining  spectra  of  difficultly  volatile  substances. 

3.  By  volatilization.  Some  substances  (for  instance,  sulfur, 
iodine,  and  arsenous  oxide),  when  heated  in  a  matrass,  are  con¬ 
verted  into  vapor,  often  without  melting,  and  the  vapors  con¬ 
dense  on  the  cool  portion  of  the  tube  and  are  thus  recognized. 

4.  By  oxidation  and  reduction.  Use  is  made  of  these  reactions 
in  blowpipe  analysis.  Sometimes  matrass  tubes  are  used.  In 
this  case  the  substance  under  investigation  is  heated  with  some 
reducing  or  oxidizing  agent. 

Microscopy.  Identification  of  a  substance  by  the  methods  just 
outlined  results  from  the  changes  which  it  undergoes  when 
treated  in  the  dry  way.  Often  a  single  substance  or  the  com¬ 
ponents  of  a  mixture  may  be  recognized  by  the  application  of 
chemical  microscopic  methods.  In  no  other  branch  of  chemistry 
can  the  microscope  be  used  to  greater  advantage  than  in  quali¬ 
tative  analysis.  In  fact,  its  application  frequently  saves  time, 
labor,  and  material  and,  in  addition,  gives  tests  of  greater  accu¬ 
racy  and  sensitiveness  than  those  obtained  by  chemical  means. 

Reactions  in  the  wet  way.  Decidedly  the  greatest  number 
of  reactions  in  qualitative  analysis  involve  solution  and  precip¬ 
itation.  For  instance,  in  order  to  test  for  the  metal  ions  in  a 
solution,  a  reagent  is  added  which  gives  difficultly  soluble  pre¬ 
cipitates  with  a  group  of  ions.  The  solid  material  is  separated  by 
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filtration  and  the  filtrate  treated  with  another  reagent  to  precipi¬ 
tate  a  succeeding  group.  In  this  way  the  presence  or  absence  of 
certain  ions  which  give  analogous  reactions  with  a  given  precipi¬ 
tant  is  determined.  The  precipitate  formed,  in  any  case,  contains 
one  or  more  components.  Subsequent  treatment,  usually  by 
solution  and  precipitation,  is  necessary  in  order  to  identify  all 
possible  elements,  or  groups  of  elements,  in  each  precipitate. 
Thus  the  need  of  being  familiar  with  chemical  reactions  and 
the  laws  which  elucidate  them  becomes  apparent. 

It  is  important  to  note  that  acids,  bases,  and  salts,  in  aqueous 
solution,  give  reactions  which  are  not  as  characteristic  of  the 
substances  dissolved  as  of  the  ions  which  they  yield.  Each  ion 
acts  more  or  less  independently  and  shows  its  own  characteristic 
properties.  This  fact  enables  the  analyst  to  make  tests  for  these 
ions  instead  of  numerous  compounds  formed  by  their  union. 
F or  example,  any  soluble  sulfate  will  give  with  the  barium  ion  a 
white  precipitate  almost  insoluble  in  hydrochloric  or  nitric  acid. 
This  peculiar  behavior  of  acids,  bases,  and  salts  has  enabled 
chemists  to  build  up  a  systematic  scheme  for  analyzing  inorganic 
substances.  On  the  other  hand,  a  large  number  of  the  organic 
compounds  give  no  such  characteristic  ions,  and  consequently 
their  analytical  reactions  are  so  different  that  a  systematic 
method  for  their  analysis  is  all  but  impossible. 

Scope  of  book.  Qualitative  chemical  analysis,  in  its  broadest 
sense,  includes  the  identification  of  the  various  substances  found 
in  nature  as  well  as  those  which  are  produced  in  the  laboratory. 
Within  recent  years,  because  of  the  growing  technical  use  and 
theoretical  interest  in  the  rare  elements,  the  field  of  qualitative 
chemistry  has  been  extended  both  in  content  and  in  importance. 
Furthermore,  analysts  are  called  upon  to  make  analyses  for 
adulterations  in  foodstuffs,  for  numerous  substances  of  toxico¬ 
logical  importance,  etc.  Since  the  subject  is  so  extensive,  it  is 
necessary  to  limit  the  material  offered  to  the  beginner.  In  this 
book,  therefore,  for  the  sake  of  simplifying  the  analytical  methods, 
the  scheme  of  analysis  provides  only  for  the  detection  of  the 
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common  inorganic  elements  and  radicals.  And,  further,  since 
the  methods  of  gas  analysis  demand  special  information  and 
experience,  which  is  acquired  preferably  after  procedures  for  the 
identification  of  substances  in  the  solid  and  liquid  states  have 
been  studied,  such  analysis  is  not  treated.  This  limitation  of 
the  experimental  work  makes  possible  the  study  of  the  scientific 
principles  which  are  essential  in  order  to  elevate  the  subject 
above  a  mere  group  of  mechanical  and  usually  unintelligible 
rule-of-thumb  manipulations. 

It  is  now  recognized  that  time  and  effort  are  wasted  if  ana¬ 
lytical  chemistry  is  considered  merely  as  a  system  of  tests  and 
procedures,  and  if  due  attention  is  not  at  the  same  time  given  to 
the  generalizations  derived  from  a  study  of  the  facts  of  experi¬ 
ment.  Indeed,  accuracy  in  qualitative  analysis  depends  both 
upon  the  thorough  mastery  of  the  basic  principles  of  the  sub¬ 
ject  and  upon  the  technic  of  the  analytical  operations.  Conse¬ 
quently,  the  subject  matter  of  the  book  consists,  on  the  one 
hand,  of  laboratory  directions  for  a  systematic  analysis  of  the 
common  inorganic  radicals,  and  experimental  exercises  designed 
to  give  the  facts  upon  which  the  analytical  procedures  are  based, 
and,  on  the  other  hand,  of  a  discussion  of  solution,  ionization, 
physical  and  chemical  equilibrium,  oxidation  and  reduction,  and 
other  subjects  pertinent  to  qualitative  chemical  analysis. 

The  laboratory  work  begins  with  the  identification  of  the 
cations  in  homogeneous  liquid  mixtures,  and  is  then  extended, 
first,  to  the  detection  of  anions  alone  and  afterwards  of  anions 
together  with  metal  ions.  With  this  experience  the  more  diffi¬ 
cult  problem  of  analyzing  a  dry  material,  which  first  must 
be  brought  into  solution,  is  undertaken.  When  the  analysis 
involves  details  which  are  not  given,  information  should  be 
obtained  from  larger  works  or  from  original  papers.  Only 
by  frequently  consulting  the  literature  can  a  firm  grasp  of 
the  subject  be  obtained. 
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1.  Apparatus,  a.  A  desk  is  to  be  assigned.  Check  off  on  an 
apparatus  card  the  apparatus  in  it.  Sign  the  card  and  return  it 
to  the  laboratory  assistant.  Keep  all  apparatus  clean  both  when 
in  use  and  when  in  the  desk. 

b.  Make  a  wash  bottle  of  750  cc.  capacity. 

c.  Prepare  a  set  of  six  stirring  rods.  These  are  made  by 
rounding  off  in  a  flame  the  ends  of  16-cm.  glass  rods. 

2.  Reagents.  Use  dilute  solutions  of  the  concentration  given 
in  Appendix,  except  when  directions  specify  otherwise.  Do  not 
use  solid  reagents  unless  directed  to  do  so.  Be  sure  that  all 
solutions  are  perfectly  clear  before  using  them. 

3.  Notebook.  In  the  study  of  reactions,  do  not  give  a  detailed 
description  of  the  operation,  but  record  all  observations,  fully 
and  concisely,  at  the  time  they  are  made.  Answer  all  the  ques¬ 
tions  and  write  equations  to  express  all  reactions.  Such  a  pro¬ 
cedure  is  necessary  to  make  the  experiments  complete  and  useful 
for  reference. 

4.  Unknowns.  Unknowns  are  to  be  given  out  by  the  instructor. 
Reports  of  analysis  must  be  made  on  blank  sheets  obtained 
from  the  storeroom.  If  only  a  trace  of  a  component  is  found, 
this  fact  should  be  indicated  on  the  report.  When  making 
an  analysis,  use  only  from  10  cc.  to  20  cc.  of  the  solution  of 
the  unknown. 

5.  Operations.  Acquire  a  clean-cut  method  of  procedure. 
Follow  directions  and  be  sure  to  use  the  quantities  of  reagents 
that  are  specified;  avoid  the  use  of  an  excess  of  any  reagent 
when  the  amount  is  not  given. 


xiii 


QUALITATIVE  CHEMICAL  ANALYSIS 


CHAPTER  I 

GASES,  SOLUTION,  AND  THE  THEORY  OF 
ELECTROLYTIC  DISSOCIATION 

Gases 

The  gas  laws.  The  laws  jvhich  describe  the  physical  behavior 
of  gases  are  very  simple.  The  volume  of  a  gas,  no  matter  what 
its  chemical  or  physical  properties  may  be,  is  affected  to  the 
same  degree  as  that  of  any  other  gas  by  pressure  and  by  tem¬ 
perature,  provided  no  chemical  change  takes  place.  Attention 
will  be  called  later  to  certain  analogies  which  exist  between 
gaseous  mixtures  and  aqueous  solutions.  To  enable  the  reader 
to  understand  these  relations  more  fully,  a  brief  review  of  the 
gas  laws  is  given  at  this  point. 

Boyle's  Law.  The  volume  of  a  given  mass  of  a  gas  kept  at  a  con¬ 
stant  temperature  varies  inversely  as  the  pressure.  Stated  in  other 
words,  the  concentration  of  an  isolated  quantity  of  gas,  at  a  con¬ 
stant  temperature,  is  proportional  to  the  corresponding  pressure. 

Charles's  Law.  The  volume  of  a  given  mass  of  gas  kept  under 
a  constant  pressure  varies  directly  as  the  absolute  temperature. 
Otherwise  expressed,  the  concentration  of  an  isolated  quantity 
of  gas,  under  constant  pressure,  is  inversely  proportional  to 
the  corresponding  absolute  temperature. 

A  third  law  can  be  derived  from  the  laws  of  Boyle  and 
Charles,  namely,  that  the  pressure  of  a  given  quantity  of  any  gas 
kept  at  a  constant  volume  is  proportional  to  the  corresponding 
absolute  temperature. 
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The  mathematical  expression  for  the  law  of  Boyle  is 

r) 

vQ :  v :  :  p  :  y>0,  pv  =  pQv o  =  constant,  and  v  =  ^-2 , 

where  v  is  the  volume  of  a  given  mass  of  gas  at  a  pressure  p , 
and  vQ  is  the  volume  of  the  same  gas  at  the  pressure  pQ. 

The  law  of  Charles  is  expressed  by  the  equation 


where  v  is  the  volume  of  a  given  mass  of  gas  at  the  temperature  T, 
and  v0  is  the  volume  of  the  same  gas  at  the  temperature  TQ. 

To  deduce  the  third  law  from  the  first  two,  let  the  gas, 
the  pressure  pQ  remaining  the  same,  be  heated  to  the  temper¬ 
ature  T.  If  the  original  volume  and  temperature  are  vQ  and  TQ 
respectively,  then,  by  Charles’s  Law, 


T  vn 
T  v 


(i) 


provided  v  is  the  volume  occupied  at  T.  Then,  if  sufficient 
pressure  is  applied  to  reduce  the  volume  v  to  vQ  while  the 
temperature  remains  constantly  at  T,  according  to  Boyle’s  Law 
we  have  the  expression 

Lo  =  -o,  (2) 

p  v 


in  which  p  represents  the  pressure  when  the  gas  again  assumes 
the  volume  v . 

Equations  (1)  and  (2)  may  be  written 


and 


Tv^ 

T 


(3) 

(O 


0 

Pv 

V  =  “ —  * 

respectively. 

By  substituting  the  latter  value  of  v  in  equation  (3)  we  have 

V\  _  Tvo 
R 
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and  finally  the  proportion 


P 

Po 


T 
— : 
T 


(6) 


which  expresses  mathematically  the  third  law. 

Gay-Lussac  found  that  a  sample  of  gas  increases  very  nearly 
2^3-  of  its  volume  at  0°  centigrade  for  each  rise  of  1°,  and 
decreases  in  the  same  manner  when  the  temperature  is  lowered. 
Now  all  three  of  these  laws  may  be  expressed  by  a  single  equa¬ 
tion.  Let  the  temperature,  pressure,  and  volume  of  an  isolated 
quantity  of  gas  all  vary,  the  initial  values  being  TQ,  pQ,  and  vQ 
and  the  final  values  T,  y>,  and  v  respectively.  According  to 
Charles’s  Law 

v  is  proportional  to  T  if  p  remains  constant, 
and  by  Boyle’s  Law 

v  is  proportional  to  -  if  T  remains  constant ; 

P 

T 

v  is  therefore  proportional  to  — 

P 
cT 

Hence  v  —  — > 

P 


or 


At  0C 


pv  =  cT  and 


=  «  278.1  and  c  = 


CO 

(8) 

(O 


Combining  equations  (8)  and  (9)  and  eliminating  c  we  have 
the  expression 


Pv  _  PqV 0 

T  273.1 


constant,  or  pv  = 


273.1 


(10) 


which  shows  that  the  product  of  the  pressure  and  volume  of  a 
gas  is  proportional  to  the  absolute  temperature. 

If  we  stipulate  that  the  mass  of  the  gas  taken  shall  always 
be  one  gram  mole  (gram-molecular  weight),  then,  according 
to  Avogadro’s  Law,  which  states  that  at  the  same  condition  of 
temperature  and  pressure  the  gram-molecular  weights  of  all  gases 
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occupy  the  same  volume  (22.4  liters),  it  follows  that  ^  is  the 
same  for  all  gases.  Therefore 


^7  =  A,  or  pv  =  RT,  (11) 

in  which  v  by  agreement  is  the  volume  of  one  mole  of  the  gas 
and  R  is  a  universal  constant  which  is  independent  of  the 
nature  of  the  gas.  This  equation  may  be  extended  to  apply  to 
any  quantity  of  gas  by  multiplying  both  sides  of  equation  (11) 
by  A,  the  number  of  moles  taken.  This  gives 


pvN  =  NRT,  or  pV=NRT,  (12) 


where  V ,  the  total  volume  of  N  moles,  is  substituted  for  Nv. 

The  laws  which  we  have  stated  are  known  as  the  perfect 
gas  laws.  They  state  the  facts  with  sufficient  precision  for  all 
ordinary  purposes,  yet  not  with  absolute  accuracy.1  The  expres¬ 
sion  pV  —  NRT  is  the  equation  for  the  perfect  gas  law.  In 
this  equation  2VJ  which  represents  the  number  of  moles  taken, 

1YI 

is  equal  to  —  >  in  which  m  is  the  mass  of  the  gas  and  M  is  its 

^  .  .  v  v 

molecular  weight.  R ,  the  universal  constant,  is  equal  to  -  0  °r  • 


If  pQ  represents  one  atmosphere  of  pressure  and  vQ,  expressed  in 
liters,  is  the  volume  of  one  mole,  then  the  numerical  value  of 


R  is 


22.4 

27B.1 


or  0.082  liter-atmospheres  per  degree. 


Determination  of  the  relative  molecular  weights  of  gases.  Ac¬ 
cording  to  Avogadro’s  Law  equal  volumes  of  gases  at  the  same 
temperature  and  pressure  contain  the  same  number  of  molecules. 
Consequently  the  relative  densities  of  any  two  gases  are  pro¬ 
portional  to  their  corresponding  molecular  weights.  If  we  agree 
that  oxygen  shall  be  used  as  a  standard  and  that  its  molecular 
weight  shall  be  32,  then  the  molecular  weight  of  any  other  gas 
can  be  determined  by  finding  the  weight  of  a  volume  of  the 


1  For  a  discussion  of  this  point  the  reader  is  referred  to  any  standard  work 
on  physical  chemistry.  See  Van  der  Waals’s  Equation. 


GASES 


5 


gas  which  is  equal  to  that  occupied  by  32  g.  of  oxygen  under  the 
same  conditions — generally  at  0°  and  760  mm.  pressure.  If 
this  temperature  and  pressure  be  taken  as  the  standard  for  all 
gas  measurements,  one  mole  of  oxygen  will  occupy  22.4  liters, 
and  this  volume  of  air  will  weigh  28.96  g.  If  density  is  deter¬ 
mined,  as  is  frequently  the  case,  wdth  reference  to  air  as  unity, 
we  have 

molecular  weight  =  28.96  x  D  (JD  —  relative  density 

compared  to  air). 

VYl 

Furthermore,  by  substituting  in  equation  (12)  —  for  A,  we 
get  equation 

PV=^RT,  (13) 

by  which  molecular  weight  may  be  determined. 

Dalton’s  law  of  partial  pressure.  In  any  mixture  of  gases 
each  gas  exerts  the  same  pressure  as  if  it  were  present  alone  in 
the  volume  occupied  by  all  the  components.  The  total  pressure 
of  the  mixture  is  equal  to  the  sum  of  the  partial  pressures  of  the 
component  gases.  From  this  law  it  becomes  evident  that  the  laws 
which  we  have  derived  apply  as  well  to  a  gaseous  mixture 
as  to  a  single  gas.  Hence,  without  knowing  the  nature  of  an 
admixed  gas,  the  average  molecular  weight  of  its  components 
may  be  determined  in  the  manner  indicated.  This  value  for 
air  which  consists  of  several  ingredients,  chiefly  nitrogen  and 
oxygen,  is  28.96. 

Dissociation  of  gases.  Dissociation  is  a  variety  of  chemical 
change  in  which  a  compound  decomposes  into  two  or  more 
constituents  that  are  capable  of  uniting  to  regenerate  the  origi¬ 
nal  substance.  Many  inorganic  compounds  and  simple  sub¬ 
stances,  whether  solid,  liquid,  or  gaseous,  undergo  such  a 
transformation  either  spontaneously  or  when  subjected  to  heat. 
For  example,  sulfuric  acid  dissociates  according  to  the  equation 

h2so4^±h2o  +  so3. 

It  is  evident  that  when  molecular  weights  are  determined  by 
the  gas-density  method,  erroneous  results  will  be  obtained  if  the 
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compounds  in  question  are  dissociated  and  no  account  is  taken 
of  this  factor.  In  point  of  fact,  if  a  molecular-weight  deter¬ 
mination  of  any  compound  of  which  a  single  molecule  forms 
two  or  more  products  is  carried  out  at  a  temperature  at  which 
the  substance  is  more  or  less  decomposed,  and  if  all  the  com¬ 
ponents  are  in  the  gaseous  condition,  then  the  value  obtained 
in  this  case  and  all  similar  ones  will  be  abnormally  low.  Thus, 
at  70°  the  molecular  weight  of  nitrogen  tetroxide  is  apparently 
55.6  instead  of  92.  The  equation  representing  its  dissociation, 

n2o4^=±no2  +  no2, 

serves  to  make  this  fact  clear.  One  volume  of  N204  gives  two 
of  N02;  consequently  the  volume  is  increased  while  the  total 
weight  remains  constant.  Therefore  22.4  liters  of  the  tetroxide 
would  weigh  more  than  the  same  volume  of  the  mixture. 

Again,  phosphorus  pentachloride,  PC15,  although  a  solid  at 
ordinary  temperatures,  is  easily  converted  into  the  gaseous 
condition.  If  it  suffered  no  chemical  change  during  volatiliza¬ 
tion,  the  value  of  its  molecular  weight  determined  by  the  vapor- 
density  method  would  be  208.34.  The  density  at  300°  shows 
that  the  average  weight  of  the  molecules  in  its  vapor  is  406.01, 
a  little  more  than  half  the  amount  we  should  have  supposed. 
Consequently,  by  direct  inference  it  is  evident  that  at  this 
temperature  the  molecules  are  approximately  twice  as  numerous 
as  they  were  in  the  original  phosphorus  pentachloride.  The 
explanation  of  this  fact  is  found  by  making  an  analysis  of  the 
vapor.  It  consists  of  some  unchanged  phosphorus  pentachloride 
and  a  large  proportion  of  phosphorus  trichloride  and  chlorine. 
The  dissociation  is  represented  by  the  equation 

PC16^±PC13  +  C12. 

The  decrease  in  the  density  and  the  increase  in  the  proportion 
dissociated  with  rising  temperature  is  tabulated  on  page  7. 

Soon  after  the  enunciation  of  Avogadro’s  Law  apparent 
exceptions  were  noted  to  its  application  for  molecular-weight 
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determinations.  It  is  now  evident  that  these  ostensible  discrep¬ 
ancies  resulted  from  dissociation  or  decomposition,1  and  that  his 
principle  is  still  of  universal  applicability.  If  later  we  find  that 
substances  in  aqueous  solutions  behave  much  as  gases  do,  and, 
further,  that  the  molecular  weights  of  some  of  these  substances, 
dissolved  in  water,  are  abnormally  low,  then  the  only  logical 
conclusion  will  be  that  they  are  dissociated. 

Calculation  of  degree  of  dissociation.  Suppose  that  in  all  cases 
the  theoretical  molecular  weight  is  known  and  the  average 


Temperature 
in  Degrees  C. 

Density  Referred 
to  Air 

Average  Molecu¬ 
lar  Weight, 
Calculated 

Per  Cent  of  PC15 
Dissociated 

182 

5.078 

147.05 

41.7 

190 

4.987 

144.42 

44.3 

200 

4.851 

140.48 

48.3 

230 

4.302 

124.58 

67.2 

250 

3.991 

115.57 

80.3 

274 

3.840 

111.20 

88.3 

289 

3.690 

107.06 

94.6 

300 

3.654 

106.01 

96.5 

weight  of  the  molecules  at  a  given  temperature  is  calculated. 
Let  x  equal  the  fraction  of  a  mole  dissociated,  a  the  number 
of  molecules  produced  by  a  single  molecule,  n  the  total  number 
of  moles  present  after  dissociation,  and  1  —  x  the  fraction 
undissociated.  From  this  may  be  deduced  the  equation 

n  =  ax  + 1  —  x,  or  n  —  1  +  (a  —  1)  x.  (14) 

At  300°  a  gram-molecular  volume  of  the  vapor  from  phos¬ 
phorus  pentachloride  weighs  106.01  g.  Its  molecular  weight 

1  In  some  cases  the  molecular  weights  found  by  the  vapor-density  methods 
are  greater  than  we  should  expect.  This  is  due  to  an  association  of  the  mole¬ 
cules.  Thus,  the  weight  of  22.4  liters  of  hydrogen-fluoride  vapor  varies  from 
51  g.  at  26°  (6.6°  above  the  boiling  point  of  the  substance)  to  20  g.  at  90°  and 
above  (Alexander  Smith).  Also,  we  infer  from  vapor  densities  of  other  sub¬ 
stances  (for  example,  acetic  acid  and  other  fatty  acids)  that  they  are  associated, 
particularly  near  their  boiling  points. 
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is  208.84.  The  total  number  of  moles  at  this  temperature  is 
^08.34  rpp-g  -g  ppe  vajue  0f  Hence 


therefore 

But 

since 

Then 

and 


106.01 


=  1 4-  (a  —  1)  x. 


208.34 
106.01 

a  =  2, 

PCL^PCL  +  CL. 


=  1  +  (2  —  1)  x  =  1  +  x9 


208.34 
106.01 

x  =  0.965,  or  96.5%, 


where  x  is  the  fraction  of  the  pentachloride  dissociated. 


Solution 

A  solution  is  a  homogeneous  mixture.  The  proportion  of 
the  components  may  vary  to  a  greater  or  less  degree.  This 
implies  that  the  miscibility  of  one  substance  in  another  may 
be  limited,  and  from  experiment  we  learn  that  this  is  true. 
However,  certain  liquids  (for  example,  water  and  sulfuric 
acid)  intermix  in  all  proportions.  On  the  other  hand,  at  the 
temperature  of  the  laboratory  nearly  all  inorganic  solids  dissolve 
in  liquids  only  to  a  certain  concentration.  Thus,  at  18°,  100  cc. 
of  pure  w~ater  dissolves  only  0.00000035  g.  of  silver  iodide,  while 
under  the  same  conditions  478.2  g.  of  zinc  bromide,  73.19  g. 
of  calcium  chloride,  16.83  g.  of  sodium  sulfate,  or  0.00023  g.  of 
barium  sulfate  will  dissolve. 

The  amounts  of  various  substances  soluble,  say  in  a  liter  of 
a  given  liquid,  may  vary  from  a  barely  perceptible  amount  up 
to  a  very  large  quantity.  Account  must  be  taken  of  these 
facts  in  qualitative  analysis,  for  we  generally  make  use  of 
differences  in  solubilities  in  order  to  separate  one  substance 
from  another.  In  analytical  work  we  have  to  consider  not  only 
the  solvent  action  of  pure  water  but  also  the  influence  of  the 
various  reagents  upon  solution  and  precipitation. 
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State  of  solution  analogous  to  the  gaseous  condition.  If  a 

small  crystal  of  potassium  permanganate  is  placed  in  a  large 
cylinder  of  water,  it  will  not  only  dissolve  but,  in  course  of 
time,  will  become  disseminated  throughout  the  liquid.  Thus 
the  molecules  of  the  solid,  which  are  at  first  concentrated  in 
a  very  small  space,  diffuse  like  those  of  gases.  Since  the  proc¬ 
ess  is  similar  to  the  diffusion  of  a  gas,  we  may  regard  a  dis¬ 
solved  substance  as  being  in  a  condition  analogous  to  a  gas ; 
that  is,  the  molecules  are  widely  separated  and  free  to  move. 
Of  course  the  analogy  can  be  overdrawn,  for  the  space  occu¬ 
pied  by  the  dissolved  substance  is  limited  to  the  volume  of  the 
solvent,  and  hence  its  molecules,  unlike  those  of  a  gas,  cannot 
expand  indefinitely.  This  statement  applies  to  potassium  per¬ 
manganate  and  other  solids,  which  at  the  ordinary  temperature 
have  negligible  vapor  pressures. 

The  conception  of  a  dissolved  substance  as  being  in  a  con¬ 
dition  analogous  to  the  gaseous  state  offers  a  simple  explana¬ 
tion  of  properties  of  solutions  such  as  diffusion  and  saturation. 
It  has  been  pointed  out  that  the  molecules  of  potassium  per¬ 
manganate,  before  they  dissolve  in  water,  are  closely  packed 
together,  but  that  in  solution  they  are  widely  separated.  As 
the  substance  dissolves,  its  particles  slowly  diffuse  from  the 
proximity  of  the  solid,  thereby  making  room  for  other  mole¬ 
cules  from  the  solute.  In  this  process  the  molecules  have  a 
tendency  to  dissolve,  and  the  force  exerted  by  them  in  doing 
so  is  known  as  the  solution  pressure. 

As  the  number  of  molecules  in  the  liquid  increases,  and  as 
they  are  free  to  move  in  all  directions,  the  number  of  them 
returning  to  the  solid  phase  will  be  correspondingly  greater. 
Finally,  if  a  sufficient  quantity  of  the  salt  is  present,  a  condition 
of  equilibrium  will  be  reached  when  the  rates  at  which  the 
molecules  go  into  and  out  of  solution  are  equal.  A  state  of 
balance  or  equilibrium  is  established: 

KMnO,  T=>KMnC> 

4  Bolid  *  dissolved 
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At  this  point  the  solution  pressure  is  equal  to  the  diffusion 
pressure ,  so  that  no  further  concentration  at  a  given  tempera¬ 
ture  is  possible,  and  seemingly  the  process  of  solution  is  at 
an  end,  when  in  reality  it  is  in  full  operation.  But  since  an 
increase  in  concentration  no  longer  takes  place,  the  solution 
is  said  to  be  saturated. 

According  to  Dalton’s  Law,  gases,  when  mixed,  exert  sever¬ 
ally  the  same  pressure  as  if  each  alone  occupied  the  space  filled 
by  the  mixture.  Each  acts  independently  of  the  other.  The 
same  is  true  of  dissolved  substances,  provided  we  consider  dilute 
solutions  only.  If  we  take  this  consideration  into  account,  the 
solubility  of  a  substance  in  a  dilute  water  solution  is  the  same 
as  it  is  in  pure  water.  For  example,  a  large  volume  of  water 
containing  a  small  amount  of  cane  sugar  will  dissolve  as  much 
common  salt  as  the  same  amount  of  water.  In  other  words,  the 
sugar  molecules  have  no  influence  upon  the  solution  and  diffusion 
pressures  of  the  salt.  The  principle  of  independent  solubilities, 
just  stated,  does  not  apply  to  the  solubility  of  one  compound 
in  a  concentrated  solution  of  another.  Neither  does  it  hold  for 
the  solubilities  of  two  substances  which  have  a  common  radical, 
such  as  hydrochloric  acid  and  sodium  chloride.  The  mutual 
influence  on  the  solubilities  of  compounds  having  a  common 
radical  will  be  discussed  in  Chapter  III. 

Osmotic  pressure.  If  the  diffusion  of  two  gases  be  resisted 
by  placing  a  semipermeable  partition  between  them,  a  pressure 
will  be  exerted  upon  the  partition.  To  exemplify  this  fact, 
insert  in  a  porous  cup  a  stopper  carrying  a  glass  tube.  Con¬ 
nect  the  other  end  of  the  tube  with  a  bottle  nearly  full  of  water 
by  means  of  a  cork  in  which  is  inserted  a  nozzle  that  extends 
below  the  surface  of  the  water.  Over  the  cup  lower  an  inverted 
jar  filled  with  hydrogen.  The  hydrogen  diffuses  through  the 
porous  partition  more  rapidly  than  the  air  diffuses  outward. 
This  is  shown  by  a  jet  of  water  being  forced  out  of  the  spout. 
If  some  pure  water  is  placed  in  a  suitable  container  and  a 
solution  of  any  substance  (for  example,  copper  sulfate)  is 
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allowed  to  enter  at  the  bottom  of  the  vessel  so  that  there  is 
a  sharp  line  of  separation  of  the  solution  and  the  water,  and 
the  arrangement  is  left  at  rest,  it  can  be  observed  that  the  cop¬ 
per  sulfate  diffuses  into  the  pure  solvent.  It  can  be  shown  also 
that  water  passes  into  the  solution.  The  process  is  a  slow  one. 
Moreover,  we  can  easily  show  that  dissolved  particles,  like  gases, 
exert  a  pressure  by  placing  between  the  pure  solvent  and  the 
solution  a  partition  which  allows  the  free  passage  of  the  mole¬ 
cules  of  the  solvent  but  is  practically  impermeable  to  the 
molecules  of  the  solute,  that  is,  does  not  dissolve  them. 

The  general  nature  of  the  phenomenon  may  be  observed  by 
attaching  a  so-called  semipermeable  membrane,  of  thimble 
form,  to  a  thistle  tube.  The  thimble  is  filled  with  a  sugar 
solution  and  is  then  immersed  in  water.  The  shell  offers  no 
hindrance  to  the  free  circulation  of  water  but  offers  almost  com¬ 
plete  resistance  to  the  passage  of  sugar  molecules.  As  a  result 
the  solution  slowly  ascends  the  tube  and  becomes  progressively 
more  dilute.  This  phenomenon  depends  upon  the  power  of  the 
sugar  molecules,  or  those  of  any  other  dissolved  substance,  to 
diffuse  and  to  distribute  themselves  throughout  the  liquid 
system.  The  flow  of  the  pure  solvent  is  chiefly  into  the  solu¬ 
tion.  If  two  solutions  of  different  concentrations  are  separated 
in  the  same  manner,  then  the  greater  passage  of  water  is  from 
the  dilute  into  the  more  concentrated  solution.  The  process 
continues  until  a  condition  of  equilibrium  is  reached.  In  the 
case  of  the  sugar  experiment  there  was  an  expansion  of  solution 
which  produced  a  difference  in  level  of  the  liquids  without 
and  within  the  tube.  When  this  hydrostatic  pressure  becomes 
sufficiently  great  because  of  the  entrance  of  water  through  the 
membrane,  the  two  opposing  tendencies  are  balanced  and  the  pas¬ 
sage  into  or  out  of  the  cell  apparently  ceases.  The  hydrostatic 
pressure  is  then  equal  to  the  osmotic  pressure  of  the  solution. 

The  measurement  of  osmotic  pressure  by  this  method  presents 
many  experimental  difficulties  which  depend  upon  the  successful 
production  of  semipermeable  membranes  of  sufficient  strength 
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and  osmotic  activity.  If  the  membrane  is  of  such  a  nature  that 
the  solute  permeates  it,  the  osmotic  pressure,  as  would  be 
expected  in  such  a  case,  is  found  to  be  too  small,  and  hence  the 
desired  conditions  are  not  satisfied.  The  efficiency  of  a  mem¬ 
brane  depends  upon  the  principle  of  selective  solubility,  that  is, 
whether  it  will  dissolve  and  permit  the  circulation  of  one  of 
the  components  of  a  solution  and  resist  the  passage  of  the 
other.  Such  semipermeable  partitions  —  plant  and  animal  mem¬ 
branes —  occur  in  nature  ready  formed.  They  can  also  be  pro¬ 
duced  artificially  by  causing  a  gelatinous  precipitate,  such  as 
copper  ferrocyanide,  to  be  formed  within  the  pores  of  unglazed 
jars.  Berkeley  and  Hartley  and  also  Morse  and  Frazer  have 
made  accurate  measurements  by  the  use  of  membranes.  On 
account  of  the  many  difficulties  inherent  in  the  method  of  direct 
measurements  of  osmotic  pressure  several  indirect  methods 
are  employed,  —  for  example,  freezing-point  and  boiling-point 
methods. 

The  vapor  pressure  of  a  solution  is  less  than  that  of  the  pure 
solvent,  provided  the  solute  exerts  no  partial  pressure.  In  this 
case,  however,  if  heat  is  applied,  only  the  solvent  evaporates, 
and  as  the  solution  becomes  more  concentrated  its  boiling  point 
increases,  its  freezing  point  decreases,  and  its  capacity  for  pro¬ 
ducing  osmotic  pressure  increases  correspondingly.  Evidently 
a  close  relationship  exists  between  the  lowering  of  the  freezing 
point  of  a  solvent  by  a  solute  and  the  osmotic  pressure  of  the 
resulting  solution.1  Van’t  Hoff  discovered  and  rigorously 
expounded  the  relations  existing  between  the  change  in  the 
vapor  tension,  the  boiling  point,  the  freezing  point  of  a  solvent 
caused  by  a  solute,  and  the  osmotic  pressure  of  the  resulting 
solution,  and  made  possible  the  use  of  these  relations  for  osmotic- 
pressure  determinations.  The  results  of  investigation,  in  this 

1  For  a  detailed  discussion  of  the  exact  relations  read  "Lois  de  l’^quilibre 
chimique  dans  l’^tat  dilu6  ou  dissous,"  by  Van’t*Hoff ;  Nernst’s  "Theoretical 
Chemistry,"  chap,  v;  Van’t  Hoff’s  "Lectures  on  Theoretical  and  Physical 
Chemistry,"  Part  II,  pp.  36-61. 
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direction,  confirm  the  view  that,  in  sufficiently  dilute  solutions, 
in  which  no  chemical  change  is  involved,  the  osmotic  pressure 
corresponds  to  the  gas  pressure. 

The  laws  of  Charles,  Boyle,  and  Dalton  describe  the  behavior 
of  dissolved  substances  when  we  substitute  osmotic  pressure,  for 
gaseous  pressure  and  the  volume  of  the  solution  for  the  volume  of 
the  gas.  This  conclusion  was  reached  after  numerous  measure¬ 
ments  of  osmotic  pressure  had  been  made  under  almost  all 
possible  conditions.  According  to  Yan’t  Hoff  the  osmotic  pres¬ 
sure  of  a  dissolved  substance  is  equal  to  the  pressure  which  it 
would  exert  if  it  were  in  the  gaseous  condition  at  the  same 
temperature  and  concentration.  This  leads  to  the  conclusion 
that  equal  volumes  of  all  dilute  solutions,  at  the  same  tempera¬ 
ture  and  having  identical  osmotic  pressures,  contain  the  same 
number  of  dissolved  molecules. 

Thus  the  expression  which  is  the  equation  of  the  state  of  a 
perfect  gas  applies  equally  well  to  dissolved  cane  sugar,  namely, 


or 


Pv  =  ET, 

Pv 

—  =  0.082  liter-atmospheres  per  degree, 


(15) 


where  P  denotes  the  osmotic  pressure,  measured  in  atmospheres, 
of  a  solution  containing  one  mole  of  solute  dissolved  in  v  liters 
of  solution  at  T  degrees  absolute  temperature.  This  equation 
can  be  extended  to  apply  to  any  quantity  of  a  solute  by  multi¬ 
plying  both  sides  of  it  by  A,  the  number  of  moles  taken.  We 
obtain  PV=NRT, 


where  V,  the  total  volume  occupied  by  A  moles  of  the  solute, 
is  substituted  for  v.  In  the  case  of  dilute  solutions  we  can  use 
the  volume  or  weight  of  solvent  interchangeably  with  volume 
or  weight  of  solution  without  causing  any  appreciable  error. 

Determination  of  the  molecular  weight  of  a  dissolved  substance. 
It  is  now  evident  that  it  is  possible  to  use  the  generalizations 
pertaining  to  dilute  solutions  to  determine  the  molecular  weight 
of  a  compound  in  a  selected  solvent.  Of  the  many  methods 
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which  can  be  employed  for  such  a  determination  we  shall 
consider  the  following: 

1.  Osmotic  pressure. 

2.  Depression  of  freezing  point. 

3.  Elevation  of  boiling  point. 

Determination  of  the  molecular  weight  from  the  osmotic  pres¬ 
sure  of  the  solute.  This  method  depends  upon  Van’t  Hoff’s 
extension  of  Avogadro’s  Law ;  according  to  this  the  osmotic 
pressure  of  a  dissolved  substance,  like  the  pressure  of  a  gas, 
is  independent  of  the  nature  of  the  molecules  in  solution,  but 
is  proportional  to  their  concentration  and  equal  to  the  corre¬ 
sponding  gaseous  pressure.  Hence,  if  m  grams  of  a  substance 
is  contained  in  1  liter  of  a  solution,  and  if  at  T  degrees  abso¬ 
lute  temperature  the  osmotic  pressure  is  p  atmospheres,  then 
the  molecular  weight  can  be  calculated  by  the  equation 


M=  22.4 


/  mT  \ 

\273.1p/’ 


(16) 


since  1  mole  of  a  substance  dissolved  in  1  liter  of  solution  at 
0°  exerts  a  pressure  of  22.4  atmospheres,  and  at  T°  a  pres¬ 


sure  of  22.4 


273.1 


Also,  the  osmotic  pressure  p  is  equal  to 


m 


this  value  multiplied  by  the  number  of  moles  present  or  by  — 
which  gives  J  Tm 

P  "~‘A  (2T3.1  M 


or 


M=  22.4 


/  Tm  \ 
(^273.1  p\ 


which  is  equation  (16). 

Determination  of  molecular  weight  by  the  freezing-point 
method.  Since  the  lowering,  of  the  freezing  point  of  a  solvent 
by  the  addition  of  a  soluble  substance  is  proportional  to  the 
osmotic  pressure  of  the  dissolved  substance,  the  molecular 
weight  of  the  compound  in  solution  can  be  obtained  directly 
by  measuring  the  depression  produced  by  it.  Furthermore, 
equal  numbers  of  molecules  of  the  most  varied  solutes  in  the 
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same  quantity  of  a  given  solvent  give  equal  depressions,  the 
depression  being  proportional  to  the  concentration  of  the  dis¬ 
solved  substance.  The  value  for  the  lowering  of  the  freezing 
point  of  1  mole  of.  a  substance  in  a  given  amount  of  solvent 
is  a  constant.  Each  solvent,  however,  has  a  different  molecular 
depression  constant.  Water,  for  instance,  has  1.86°;  that  is, 
1000  g.  of  water  containing  1  mole  of  dissolved  sugar  freezes 
at  —1.86°.  The  depression  constant  for  phenol  is  7.8°;  for 
benzene,  5°.  Expressing  these  facts  by  an  equation,  we  have  for 
aqueous  solutions  L86  ^  x  1000 


M  = 


d 


x 


w 


where  M  is  the  molecular  weight,  d  the  observed  depression 
of  the  freezing  point,  m  the  weight  of  the  solute,  and  W  the 

771/ 

weight  of  the  solvent.  —  is  the  weight  of  the  substance  in 

1  g.  of  water,  and  — the  weight  in  1000  g. 

Determination  of  molecular  weight  by  the  boiling-point  method. 

The  vapor  pressure  of  a  solvent  is  lowered  by  the  addition  of 
a  foreign  substance,  provided  the  latter  is  not  volatile  under 
the  conditions  of  the  experiment  and  the  value  for  the  eleva¬ 
tion  of  the  boiling  point  is  proportional  to  the  freezing-point 
depression.  Consequently,  the  only  changes  that  need  be  made 
in  equation  (17)  are  to  substitute  the  molecular  boiling-point 
constant  for  the  freezing-point  constant  and  the  observed  rise  in 
the  boiling  point  for  the  depression  in  the  freezing  point.  The 


equation  becomes 


0.52  m  x  1000 

M= - x - 

r  W 


(18) 


where  0.52  is  the  molecular  freezing-point  constant  for  water 
and  r  is  the  observed  rise  in  temperature. 

Apparent  exceptions  to  the  Avogadro-Van’t  Hoff  Law.  It  has 
been  pointed  out  that  at  its  boiling  point  acetic  acid  in  the 
gaseous  state  has  a  molecular  weight  of  97.  Also  nitrogen 
dioxide  at  low  temperatures  has  a  molecular  weight  greater 


16 


QUALITATIVE  CHEMICAL  ANALYSIS 


than  is  demanded  by  the  formula  N02.  The  explanation  of 
these  apparent  exceptions  to  Avogadro’s  Law  is  found  in  the 
fact  that  these  substances  are  associated.  Further,  we  have 
noted  that,  because  of  dissociation,  molecular  weights  were 
obtained  which  were  often  too  small.  In  solution,  as  in  the 
gaseous  condition,  the  values  obtained  for  molecular  weights 
are  at  times  greater  than  we  should  expect.  For  example, 
benzoic  acid  dissolved  in  benzene  gives  only  a  little  more 
than  half  the  osmotic  pressure  that  it  produces  in  an  aqueous 
solution  of  the  same  concentration  and  that  we  should  expect 
according  to  the  Avogadro- Van’t  Hoff  Law.  We  conclude, 
therefore,  that  in  a  solution  of  benzene  the  acid  is  associated. 
Since  vapor-density  measurements  show  that  at  its  boiling 
point  and  in  the  gaseous  state  acetic  acid  is  highly  associated, 
it  may  be  concluded  that  the  acid  in  the  liquid  condition  is 
also  associated.  On  the  other  hand,  many  substances  —  acids, 
bases,  and  salts  —  in  aqueous  solution  apparently  have  molecu¬ 
lar  weights  less  than  are  actually  demanded  by  their  chemical 
behavior  and  constitution.  The  logical  conclusion,  if  we  take 
into  consideration  the  analogy  between  the  gaseous  and  dis¬ 
solved  conditions  of  a  substance,  is  that  these  compounds  dis¬ 
sociate  in  solution.  Apparent  exceptions  of  this  nature  will  be 
considered  next,  and  we  shall  find  that  Van’t  Hoff’s  generali¬ 
zation  is  a  fundamentally  important  part  of  the  evidence  that 
these  substances  do  dissociate,  or  ionize,  in  aqueous  solution. 

THEORY  OF  ELECTROLYTIC  DISSOCIATION1 

Since  by  far  the  greater  number  of  reactions  of  qualitative 
character  are  carried  out  in  water  solution,  the  behavior  of 
substances  in  this  solvent  is  a  subject  of  paramount  importance. 
It  has  been  pointed  out  that  many  substances  dissociate  under 
the  influence  of  heat,  and  that  in  many  cases  their  molecular 
weights,  determined  by  the  vapor-density  method,  are  abnormally 

1  Transactions  of  the  Faraday  Society,  15  (1919),  3, 
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low.  Further,  a  close  analogy  has  been  drawn  between  the 
gaseous  and  dissolved  conditions  of  a  substance.  Keeping  in 
mind  this  relationship,  we  shall  consider  a  number  of  proper¬ 
ties  and  reactions  of  substances  in  aqueous  solutions  and  see 
what  additional  generalizations  may  be  deduced  as  to  the  nature 
of  the  components  of  these  solutions. 

Abnormal  osmotic  pressure  and  freezing  and  boiling  points.  It 
has  been  shown  that  a  mole  of  substance,  dissolved  in  22.4  liters 
of  water,  has  the  ability  to  exert,  at  0°,  the  same  pressure, 
measured  as  osmotic  pressure,  as  it  would  exert  if  it  were  in 
the  gaseous  condition,  —  namely,  one  atmosphere.  If  one  mole 
of  the  substance  is  dissolved  in  1000  g.  of  water,  the  solu¬ 
tion  will  freeze  at  —1.86°  and  boil  at  100.52°.  Use  is  made 
of  these  facts  for  determining  molecular  weights  of  various 
solutes.  In  many  cases  the  molecular  weights  determined  are 
in  perfect  agreement  with  those  expected,  but  in  others  the 
values  are  abnormally  low.  In  point  of  fact,  one  mole  of  an 
acid,  a  base,  or  a  salt  in  aqueous  solution  is,  unlike  other 
solutes,  capable  of  exerting  an  osmotic  pressure  greater  than 
the  calculated  value,  and  likewise  of  causing  the  freezing 
point  of  the  solution  to  be  depressed  and  the  boiling  point 
to  be  elevated  abnormally.  These  facts  are  illustrated  in  the 
following  table : 


Molar 

Osmotic 

Depression 

Elevation 

Substance 

Concentra¬ 

Pressure  in 

of  Freezing 

of  Boiling 

tion 

Atmospheres 

Point 

Point 

Cane  sugar 

0.1 

2.2461 

0.1873 

0.052 3 

Potassium  nitrate 

0.1 

4.032 2 

0.331 4 

0.095 3 

1  Berkeley  and  Hartley,  Proceedings  of  the  Royal  Society,  82.  See  also 
Morse  and  Frazer,  American  Chemical  Journal ,  34  (1905),  1. 

2  Hedin,  Zeitschrift  fur  physikalische  Chemie ,  17  (1895),  164.  By  the  use  of 
semipermeable  membranes  Adie  {Journal  of  the  Chemical  Society ,  59,  344) 
obtained  a  pressure  of  2.39  atmospheres  for  a  solution  of  the  same  concentration. 
It  is  difficult  to  prepare  a  membrane  that  is  permeable  to  water  and  imperme¬ 
able  to  electrolytes. 

3  Landolt-Bornstein,  Tabellen,  4.  Auflage. 

4  Loomis,  Wiedemann's  Annalen  der  Physik  und  Chemie ,  57  (1896),  504, 
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It  may  be  seen  that  the  values  given  for  cane  sugar  are  what 
would  be  expected,  while  those  for  potassium  nitrate  are,  in 
each  case,  about  1.8  times  greater  than  normal.  Consequently, 
either  the  laws  which  we  have  considered  are  not  of  universal 
applicability  or  else  potassium  nitrate  is  dissociated.  If  the  laws 
hold,  then  each  mole  of  the  salt,  at  the  concentration  given, 
evidently  yields  1.8  moles  of  dissolved  substances.  It  is  im¬ 
portant  to  note  that  the  evidence  obtained  from  freezing 
point,  boiling  point,  osmotic  pressure,  and  other  phenomena 
exhibited  by  aqueous  solutions  of  acids,  bases,  and  salts,  as 
illustrated  by  potassium  nitrate,  point  to  the  same  conclusion, 
namely,  that  the  molecules  of  these  solutes  are  more  or  less 
dissociated. 

Some  characteristics  of  acids,  bases,  and  salts.  These  sub¬ 
stances  interact  with  one  another  by  double  decomposition  or 
by  mutual  exchange  of  radicals : 

AgN03  +  NaCl  +=±  AgCl  +  NaN03. 

They  also  give  in  aqueous  solution,  as  we  have  seen,  abnor¬ 
mal  values  for  osmotic  pressures,  boiling  points,  and  freezing 
points,  which  indicate  that  *  these  substances  dissociate  into 
radicals.  Furthermore,  these  solutions  are  sharply  distinguished 
from  other  solutions  in  that  they  are  incomparably  better  con¬ 
ductors  of  electricity  and  undergo  decomposition  when  a  current 
passes  through  them.  Consequently,  such  solutions  are  called 
electrolytes,  and  the  process  of  chemical  decomposition  induced 
in  them  by  the  action  of  the  electric  current  is  called  electrolysis. 
The  products  of  electrolysis,  as  we  shall  see  later,  indicate  that 
an  electrolyte  in  water  solution  is  dissociated  into  radicals. 
The  logical  inference  is  that  electricity  is  carried  by  means  of 
these  radicals. 

There  are  two  classes  of  conductors  of  electricity :  electro¬ 
lytes  and  conductors  proper,  such  as  metals  and  graphite.  The 
first  are  decomposed  by  the  current ;  the  second  suffer  no 
apparent  change  except  a  rise  in  temperature.  It  should  be 
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noted  that  substances  which  in  aqueous  solution  conduct  elec¬ 
tricity  are,  in  the  anhydrous  state  and  at  the  ordinary  tempera¬ 
tures,  nonconductors.  *  Also,  water  is  an  exceedingly  feeble 
conductor.  Thus,  pure  hydrogen  sulfate  resists  the  passage  of 
an  electric  current,  but  when  it  is  dissolved  in  water  the 
resulting  solution  is  an  excellent  conductor. 

Electrolysis.  Since  the  early  years  of  the  nineteenth  century 
the  idea  has  prevailed  that  the  constituent  elements  of  chemical 
compounds  are  held  together  by  forces  closely  related  to  elec¬ 
trical  polarity,  if  not  identical  with  them.  This  conception  is 
supported  by  the  fact  that  in  a  compound  such  as  potassium 
chloride  the  potassium  is  the  positive  radical  and  the  chlorine 
the  negative  one,  as  is  made  evident  when  an  electric  current 
is  passed  through  the  fused  salt.  Metallic  potassium  collects 
at  the  negative  pole,  while  gaseous  chlorine  is  liberated  at  the 
positive  pole.  This  practically  proves  that  these  radicals  are 
positive  and  negative  respectively.  Since  the  potassium  and 
chlorine  are  set  free  at  opposite  poles,  there  must  have  been  a 
movement  of  the  constituent  radicals  through  the  fused  material. 
Again,  if  a  current  is  passed  through  the  aqueous  solution  of 
this  salt,  the  constituents  of  the  solute  are  liberated  at  the 
poles  as  before.  In  this  case,  however,  the  potassium  interacts 
with  the  water,  forming  potassium  hydroxide  and  hydrogen,  but 
the  chlorine  is  largely  liberated  if  the  liquids  surrounding  the 
two  electrodes  are  not  allowed  to  mix.  Potassium  and  chlorine 
are  the  primary  products,1  while  hydrogen  and  potassium 
hydroxide  are  the  secondary  products  of  the  electrolysis.  It  is 
also  evident  that  since  the  passage  of  the  current  through  the 
electrolyte  was  accompanied  by  a  movement  of  the  radicals  in 
opposite  directions,  it  must  be  these  radicals  which  carry  the 
current.  Moreover,  since  the  movement  of  these  particles 

1  It  is  often  difficult  to  carry  out  the  distinction  between  primary  and 
secondary  products,  as  the  processes  occurring  at  the  electrodes  are  not  always 
known  in  detail.  Thus,  it  may  well  be  that  in  the  electrolysis  of  KC1  solution 
the  hydrogen  liberated  at  the  cathode  comes  from  the  hydrogen  ions  of  the 
water,  leaving  an  excess  of  hydroxyl  ions. 
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constitutes  the  actual  transference  of  electricity,  this  movement 
constitutes  the  current  within  the  solution. 

On  account  of  their  property  of  migrating  toward  one  elec¬ 
trode  or  the  other  these  dissociated  radicals  of  the  solute  are 
called  ions.  Those  ions  that  travel  toward  the  cathode  are  posi¬ 
tive,  or  cations,  while  those  that  travel  toward  the  anode  are 
negative,  or  anions.  Each  molecule,  on  dissociation,  gives  two 
kinds  of  ions,  each  with  equal  and  opposite  charge  or  charges, 
the  number  of  charges  in  each  case  being  equal  to  the  valence 
of  the  radical.  Such  an  electrolytic  dissociation  is  also  called 
ionization.  Since  we  have  found  that  these  ions  have  the  same 
effect  upon  the  physical  properties  of  a  solvent  as  dissolved 
molecules,  and  since  experience  teaches  us  that  charged  bodies 
of  opposite  polarity  attract  one  another,  we  are  led  to  consider 
ions  as  electrically  charged  molecules. 

Experimental  facts  regarding  electrolytes.  The  experiment¬ 
ally  established  facts  concerning  electrolytes  may  be  summarized 
as  follows : 

1.  The  abnormally  low  molecular  weights  obtained  for  acids, 
bases,  and  salts  in  aqueous  solution  suggest  that  these  substances 
are  dissociated. 

2.  To  a  large  extent  ionogens  in  water  solution  interact  by 
double  decomposition. 

3.  In  solution  they  show  marked  chemical  activity. 

4.  Their  aqueous  solutions  are  conductors  of  electricity.  No 
appreciable  time  is  required  for  the  solution  to  become  a  con¬ 
ducting  medium,  for  the  process  of  electrolysis  begins  as  soon 
as  a  difference  of  potential  is  established. 

5.  Further,  we  have  seen  that,  except  for  fused  ionogens, 
both  the  solvent  and  the  solute  are  necessary  components  of 
the  conducting  system. 

6.  Again,  the  substances  which  are  liberated  at  the  elec¬ 
trodes  are  the  components  of  the  ionogen  or  the  products  of 
their  action  on  the  solvent.  In  this  connection,  read  footnote 
on  page  19. 
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Assumptions  of  Arrhenius.  The  main  assumptions1  of  the 
theory  of  electrolytic  dissociation  or  ionization,  based  on  the 
foregoing  facts,  may  be  summarized  as  follows : 

1.  The  process  of  an  ionogen  dissolving  in  water  is  attended 
by  a  more  or  less  complete  dissociation  of  the  solute  into  new 
charged  molecules, —  cations  and  anions. 

2.  The  cations  are  charged  with  positive  electricity,  while  the 
anions  are  charged  with  negative,  the  sum  of  the  unit  charges 
in  each  case  being  equal  but  of  opposite  sign.  Thus  the  solution 
is  electrically  neutral. 

3.  Ionization  is  a  reversible  reaction.  The  degree  of  ionization 
is  increased  by  dilution,  and  consequently  all  ionogens  must  be 
completely  dissociated  at  infinite  dilution. 

4.  Save  for  the  mutual  attraction  and  repulsion  of  these  ions, 
due  to  their  charges,  they  may  be  considered  as  independent 
molecules  with  their  own  sets  of  specific  chemical  and  physical 
properties. 

5.  The  undissociated  molecules  of  an  electrolyte  take  no  part 
in  conveying  an  electric  current,  the  current  being  the  result  of 
the  migration  of  the  electrically  charged  ions. 

6.  When  two  electrolytes  react  with  each  other,  they  give  only 
reactions  of  the  component  ions. 

Electrons  and  ionization.  According  to  our  present  views  of 
the  structure  of  matter2  the  atom  consists  of  a  positively 
charged  nucleus  surrounded  by  electrons.  An  electron  is  the 
unit  charge  of  negative  electricity  and  has  an  apparent  mass  of 
about  one  seventeen  hundredth  TyL ^  of  that  of  an  atom  of 
hydrogen.  The  nucleus  of  the  atom  is  positively  charged,  being 
composed  of  a  certain  amount  of  electrons  together  with  a  larger 

1  Zeitschrift  fur  physikalische  Chemie,  1  (1887),  631 ;  ibid.,  69  (1909),  v ; 
Journal  of  the  American  Chemical  Society ,  34  (1912),  353  ;  Theories  of  Chemistry, 
by  Arrhenius,  edited  by  Price. 

2  J.  J.  Thomson,  The  Corpuscular  Theory  of  Matter  (1907)  ;  Harkins  and 
Wilson,  Journal  of  the  American  Chemical  Society ,  37  (1915),  1396  (see  page 
1420  of  this  article  for  bibliography)  ;  Langmuir,  Journal  cf  the  American 
Chemical  Society ,  41  (1919),  868. 
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total  amount  of  the  positive  constituent.  The  total  charge  of 
the  surrounding  electrons  is  equal  to  the  net  positive  charge 
of  the  nucleus,  since  an  uncombined  atom  is  neutral.  The  elec¬ 
trons  are  distributed  about  the  nucleus  in  a  series  of  concentric 
shells,  the  outer  ones  giving  rise  to  chemical  action. 

Atoms  of  sodium  and  other  metals  of  the  alkalies  show  an 
exceedingly  great  tendency  to  lose  an  electron,  while  an  atom  of 
chlorine  or  other  halogens  readily  acquire  a  negative  charge. 
Thus  it  is  possible  that  in  sodium  chloride  these  two  tendencies 
are  satisfied.  The  sodium  atom,  at  first  neutral,  becomes  posi¬ 
tive  when  it  gives  up  an  electron  to  the  chlorine,  while  the 
latter  becomes  negative.  It  is  not  unlikely  that  the  atoms  in 
sodium  chloride  are  held  together  by  the  attraction  of  these 
opposite  charges. 

In  a  suitable  medium  such  as  water  the  molecules  of  sodium 
chloride,  as  well  as  other  electrolytes,  dissociate  more  or  less 
completely  into  oppositely  charged  ions: 

NaCl  Na+'  +  Cl~, 

CaCl2T=^Ca++  +  2Cl- 

The  positive  sign  indicates  that  the  sodium  has  given  up  an  elec¬ 
tron;  the  negative  one,  that  chlorine  has  acquired  an  electron. 
It  is  also  seen  that  the  valence  of  each  ion  is  equal  to  the  num¬ 
ber  of  electrons  lost  or  gained  by  the  parent  atom.  Accordingly 
the  ions  of  sodium  (Na+)  are  univalent;  of  calcium  (Ca++), 
bivalent;  of  aluminium  (Al+  +  +),  trivalent. 

Independent  migration  of  ions.  In  order  to  observe  the  migra¬ 
tion  of  ions  all  that  is  necessary  is  to  take  a  substance  which, 
in  aqueous  solution,  yields  either  colored  cations  or  anions,  and 
watch  these  colored  ions  move  toward  the  negative  or  positive 
electrode,  as  the  case  may  be.  It  is  still  better  to  use  a  substance 
capable  of  supplying  negative  and  positive  ions  each  of  which 
is  colored.  Such  a  compound  is  formed  by  the  action  of  am¬ 
monium  hydroxide  upon  copper  chromate.  To  show  the  migra¬ 
tion  of  the  ions  the  ammoniacal  solution  is  poured  into  a  large 
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U-tube  so  that  the  liquid  stands  at  the  same  level  in  each  arm 
and  about  two  inches  from  the  top.  Ammonium  hydroxide  is 
.carefully  added  to  each  side  of  the  tube  in  such  a  manner  as 
to  prevent  the  mixing  of  the  two  solutions.  Electrodes  are 
introduced  into  the  hydroxide,  one  in  either  arm,  and  the 
current  is  turned  on. 

After  a  short  time  it  may  be  observed  that  the  blue  ammonio- 
cupric  ions  have  ascended  into  the  colorless  solution  around  the 
negative  electrode,  while  the  yellow  chromate  ions  have  migrated 
into  the  ammonium  hydroxide  on  the  positive  side.  It  is 
observed  that  there  is  a  gradual  separation  of  the  two  ions  and 
that  the  blue  ions  are  traveling  in  one  direction  and  the  yellow 
chromate  ions  are  traveling  in  the  opposite  direction.  This 
experiment  substantiates  the  view  that  the  current  is  carried 
by  the  ions. 

Since  the  ions  behave  as  though  they  were  independent  mole¬ 
cules,  it  would  be  expected  that  each  kind  of  ion  would  move 
under  a  given  electrical  force  and  at  a  constant  temperature 
with  its  own  specific  speed.  For  example,  the  sodium  ion 
moves  with  the  same  speed  no  matter  from  what  sodium  salt  it 
is  derived.  The  relative  speeds  of  the  various  ions  are  readily 
determined.  Of  course  the  speed  of  an  ion  is  accelerated  by 
increasing  the  electromotive  force. 

According  to  Kohlrausch’s  law 1  of  the  independent  mobilities 
of  the  ions  the  conductance  of  a  binary  electrolyte  is -equal  to 
the  sum  of  the  partial  conductances  of  the  two  ions.  This 
principle  can  be  illustrated  by  separating  a  solution  of  hydro¬ 
chloric  acid,  in  an  electrolytic  cell,  into  halves  by  means  of  a 
porous  diaphragm  which  permits  a  free  circulation  of  ions 
through  it.  The  concentration  of  the  acid  is  known  and  is  the 
same  in  both  compartments.  A  current  is  passed  through 
the  solution  for  a  time.  The  concentration  of  the  acid  in  each 
half  is  then  determined.  It  is  found  that  4.82  times  as  many 
hydrogen  ions  as  chlorine  ions  passed  through  the  partition. 

1  Kohlrausch  and  Holborn,  Leitvermogen  der  Electrolyte  (1898). 
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From  this  we  conclude  that  the  hydrogen  ions  moved  toward 
the  cathode  nearly  five  times  as  fast  as  the  chlorine  ions  moved 
toward  the  anode. 

At  infinite  dilution  the  molar  conductance  of  the  hydrogen  ion  is 
calculated  to  be  318.  Since  these  ions  move  at  a  speed  4.82  times 
that  of  the  chlorine  ions,  the  molar  conductance  of  the  latter  is 
318 

— - — ,  which  gives  65.9.  The  following  table  gives  the  equivalent 
4.82 

mobilities,1  at  infinite  dilution  and  at  18°,  of  a  number  of  ions : 


K 

Na 

nh4 

Li 

Ag 

JCa 

H 

65.3 

44.4 

64.2 

35.5 

55.7 

53.0 

318 

Cl 

Br 

I 

no3 

c2h3o2 

h  SO4 

OH 

65.9 

66.7 

66.7 

60.8 

33.7 

69.7 

174 

Faraday's  Law.  We  have  pointed  out  that  a  solution  of  any 
ionogen  is  electrically  neutral.  Consequently,  an  ionogen,  upon 
dissociation,  must  produce  equal  quantities  of  positive  and  nega¬ 
tive  electricity.  This  means  that  the  number  of  electrons 
carried  by  the  negative  ions  is  equal  to  the  positive  charges  on 
the  cations.  Thus  we  conclude  that  all  univalent  ions  carry  a 
charge  equal  to  the  unit  quantity  of  electricity,  and  that  an 
w-valent  ion  carries  n  unit  charges. 

This  conclusion  is  borne  out  by  experimental  evidence.  If 
hydrochloric  acid  is  electrolyzed,  35.46  g.  of  chlorine  are  liberated 
for  every  gram-atomic  weight  (1.008  g.)  of  hydrogen.  Both 
hydrogen  and  chlorine  are  univalent.  When  zinc  chloride  is 
used  instead  of  hydrochloric  acid,  32.685  g.,  or  half  a  gram- 
atomic  weight,  of  zinc  and  35.46  g.  of  chlorine  are  liberated 
during  the  same  period  of  time.  The  zinc  ion  is  bivalent.  The 
unit  quantity  of  electricity  necessary  to  discharge  the  ions 
derived  from  a  gram-equivalent  weight  of  an  element  is  96,500  2 

1  Kohlrausch  and  Holborn,  Leitvermogen  der  Electrolyte  (1898),  p.  200. 

2  This  unit  should  not  be  confused  with  that  of  the  charge  carried  by  an 
univalent  ion ;  the  value  e,  the  quantity  of  electricity  represented  by  one  elec¬ 
tron,  is,  according  to  Millikan  (The  Electron,  p.  114  (1918)),  4.774  x  10-10  electro¬ 
static  units. 
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coulombs,  or  a  faraday.  Faraday  formulated  the  relation  between 
the  amounts  of  various  ions  liberated  at  the  electrode  and  the 
quantity  of  electricity  passing  through  the  electrolyte.  Hence 

his  law  in  essence  is  this :  equal  quantities  of  electricity  liberate 
equivalent  quantities  of  ions. 

It  is  evident  from  the  foregoing  facts  that  the  amount  of 
electricity  associated  with  the  ions  produced  by  a  gram-atomic 
weight  of  an  element  is  a  faraday  or  some  integral  multiple  of 
a  faraday.  For  sodium,  silver,  and  other  univalent  ions  the 
quantity  is  always  one  faraday ;  for  the  ferrous  and  ferric  ions, 
two  and  three  faradays  respectively.  Hence  his  law  corresponds 
very  closely  to  the  combined  laws  of  definite  and  multiple  pro¬ 
portion  and  combining  weights  which  support  the  atomic  theory. 
If  we  accept  the  view  that  substances  are  composed  of  atoms, 
then  we  cannot  do  otherwise  than  conclude  that  electricity  is 
divided  into  units  which  behave  like  "  atoms”  of  electricity. 

Degree  of  dissociation  of  electrolyte.  A^gram  mole  of  a  non- 
ionogen  in  1000  g.  of  water  produces  a  solution  which  freezes 
at  —1.86°  and  boils  at  100.52°.  The  molecular  freezing  point 
produced  by  an  electrolyte  divided  by  1.86  would  give  the  total 
number  of  moles,  ions  considered  as  molecules,  present  in  1000  g. 
of  water  containing  one  mole  of  an  ionogen.  Equation  (14)  may 
be  used  to  determine  the  fraction  of  an  electrolyte  ionized.  For 
example,  a  solution  containing  0.6004  g.  of  potassium  hydroxide 
per  1000  g.  of  water  freezes  at  —  0.0888°.  What  is  the  degree 
of  ionization  of  the  hydroxide  ?  The  molar  depression,  d,  of  the 
freezing  point  is  determined  as  follows: 


0.6004  0.0383 


56.108  d 
d  =  3.62. 

According  to  equation  (14), 

=  1  +  (a  -  V)x=  1  +  a?, 
x  —  0.94  or  94%. 


(56.108  is  mol.  wt.  of  KOH'), 
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The  degree  of  ionization  is  also  found  by  dividing  the  equiv¬ 
alent  conductance  of  an  electrolyte  at  a  given  dilution  by  its 
equivalent  conductance  at  infinite  dilution. 

~  „ .  .  . .  conductance  at  given  dilution  \v 

Degree  o±  ionization  a  = - - - ^ -  ■ . — — — ; —  - 

conductance  at  infinite  dilution  \  oo 

The  equivalent  conductance  is  the  conductance  of  a  solution 
containing  a  gram  equivalent  of  the  electrolyte.  It  is  calcu¬ 
lated  from  the  conductivity,  or  specific  conductance,  of  the 
solution,  which  is  the  conductance  of  a  cube  of  1  cm.  edge, 
by  multiplying  the  conductivity  by  the  number  of  cubic  centi¬ 
meters  of  solution  which  contain  one  equivalent.  Conductance 
is  measured  in  reciprocal  ohms.  The  resistance  of  a  cube  of 
1  cm.  edge  of  a  0.5-normal  solution  of  sodium  chloride  is 

24.57  ohms.  Its  conductivity  is  therefore  >  Since  the 

solution  is  0.5  normal,  a  gram  equivalent  of  the  salt  would 
be  contained  in  2000  cc.  of  solution.  Hence  the  equivalent 


conductance  of  the  electrolyte  is  \v  — 


24.57 


X  2000  =  81.4. 


The  equivalent  conductance  of  sodium  chloride  is  110.8  at 


infinite  dilution. 


Using  this  value,  we  get  a  = 


81.4 

110.3 


73.8%. 


The  ionization  of  an  ionogen  increases  with  dilution.  This  will 
continue  until  complete  dissociation  results.  The  following 
values  were  obtained  by  Kohlrausch  for  the  equivalent  con¬ 
ductance  of  sodium  chloride  at  various  dilutions : 


Concentration  in  Gram  Equiva¬ 
lent  per  Liter 

1 

0.5 

0.1 

0.05 

0.01 

0.002 

0.001 

0.0002 

0.0001 


Equivalent  Conductance 

74.4 

80.9 

92.5 

95.9 
102.8 

106.7 

107.8 
109.2 
109.7 
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From  these  numbers  it  may  be  seen  that  Ago  is  only  a  little 
above  109.7  and  that  its  value  may  be  determined  by  extrapo¬ 
lation.  The  equivalent  conductance  of  other  highly  ionized 
electrolytes  at  infinite  dilution  can  be  determined  in  the  same 
way.  This  is  not  the  case  with  acetic  acid,  ammonium  hydrox¬ 
ide,  and  other  little-ionized  substances.  That  it  is  not  the 
case  with  ammonium  hydroxide  is  shown  by  the  following 
numbers : 

Concentration  in  gram  equivalent  per  liter  .  1.0  0.1  0.01  0.001 

Equivalent  conductance .  0.89  3.3  9.6  28. 

Thus,  at  dilutions  at  which  the  measurement  of  the  conduc¬ 
tivity  of  ammonium  hydroxide  becomes  uncertain  the  hydroxide 
is  far  from  being  completely  dissociated,  and  hence  we  cannot 
determine  by  extrapolation  its  equivalent  conductance  at  infin¬ 
ite  dilution.  The  practical  value  of  the  law  of  Kohlrausch 
(q.v.)  becomes  evident,  since  we  can  use  it  to  calculate  the 
limiting  value  of  the  equivalent  conductance  of  ammonium 
hydroxide  and  other  weak  electrolytes.  From  the  table  of 
equivalent  mobilities  of  the  ions  at  infinite  dilution  we  obtain 
64.2  for  NH4  and  174  for  OH.  The  equivalent  conductance 
of  ammonium  hydroxide  at  infinite  dilution  is  the  sum  of  these 
two  values;  consequently, 

A  oo  =  64.2 +  174  =  288.2. 

Electrolytic  dissociation  and  solvents.  At  present  we  are 
quite  certain  that  the  ions  are  hydrated.1  In  dilute  solutions 
the  hydration  of  the  ions  has  but  little  effect  upon  conductivity, 
but  in  concentrated  solutions  the  effect  becomes  more  pronounced. 
This  would  be  expected,  since  the  water  is  partially  used  up 
by  its  union  with  the  ions. 

A  substance  does  not  ionize  to  the  same  extent  in  its  various 
solvents.  Water  is  the  most  common  dissociant.  Other  sub¬ 
stances,  as  formic  acid,  alcohol,  liquid  ammonia,  and  hydrogen 

1  Washburn,  Journal  of  the  American  Chemical  Society ,  31  (1909),  322;  37 
(1915),  698  ;  Principles  of  Physical  Chemistry,  p.  231  (1915). 
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cyanide,  are  ionizing  mediums.  The  ionization  in  these  solvents 
is  different  in  degree  rather  than  in  kind.1 

Experiments  show  that  a  relationship  exists  between  the  ioniz¬ 
ing  capacity. of  a  solvent  and  its  dielectric  constant,  as  is  sug¬ 
gested  by  the  ingenious  theory  of  J.  J.  Thomson.2  Later  W alden,2 
by  exact  investigation,  showed  that  the  ionizing  properties  of 
solvents  are  quantitatively  related  to  the  dielectric  constants  of 
these  solvents. 

Further,  the  ionizing  property  of  a  solvent  may  be  due  not 
only  to  its  dielectric  constant  but  to  the  unsaturated  condition 
and  also  to  the  association  of  its  molecules.3  Probably  all  three 
of  these  properties  are  closely  related.  It  is  recognized  as  true 
that  solvents  such  as  water,  ammonia,  hydrogen  cyanide,  and 
sulfur  dioxide,  which  are  the  best  ionizing  mediums,  have 
these  properties  in  common.  In  the  final  analysis,  according 
to  Walden’s  work,  the  dielectric  constant  is  the  factor  which 
determines  the  effectiveness  of  a  solvent  as  a  dissociant. 

Application  in  qualitative  chemical  analysis.  By  far  the  ma¬ 
jority  of  reactions  of  qualitative  importance  are  carried  out  in 
aqueous  solution.  One  reason  for  this  is  that  usually  the 
simplest  and  most  rapid  chemical  changes  take  place  between 
dissolved  substances.  Again,  almost  all  inorganic  substances, 
when  brought  into  solution  with  or  without  the  use  of  suitable 
reagents,  dissociate,  and  the  reactions  which  they  give  are 
characteristic  of  the  ions  rather  than  of  the  ionogens.  This 
behavior  makes  it  possible  for  the  analyst  to  detect  these  ions 
instead  of  the  numerous  compounds  which  may  be  produced 
by  their  union.  For  example,  it  is  much  simpler  to  provide 
a  scheme  of  analysis  for  the  detection  of  the  twenty-five  common 

1  Gore,  Proceedings  of  the  Royal  Society,  20  (1872),  441  ;  21  (1873),  140; 
Franklin,  Journal  of  the  American  Chemical  Society ,  27  (1905),  820. 

2  Philosophical  Magazine ,  36  (1893),  320 ;  Zeitschrzft  fur  physikalische 
Chemie ,  54  (1906),  129  ;  McCoy,  Journal  of  the  American  Chemical  Society ,  30 
(1908),  1074. 

3  Dutoit  and  Aston,  Journal  of  the  Chemical  Society  (London),  72  (1897),  546; 
Stieglitz,  Qualitative  Chemical  Analysis,  1,  64  (1912). 
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cations,  together  with  an  equal  number  of  anions  than  for  the 
identification  of  more  than  five  hundred  compounds  which 
these  ions  are  capable  of  forming. 

It  is  a  well-established  fact  that  certain  hydrogen  derivatives 
are  acids  but  that  others  show  no  appreciable  acid  properties. 
The  simplest  and  most  logical  explanation  of  this  fact  is  that 
only  those  substances  which  yield  hydrogen  ions  are  acids.  It 
is  also  well  known  that  silver  nitrate  acts  by  double  decom¬ 
position  with  soluble  chlorides,  giving  a  difficultly  soluble  pre¬ 
cipitate  of  silver  chloride.  Silver  nitrate,  however,  produces  no 
precipitate  with  a  chlorate.  For  instance,  potassium  chlorate, 
although  it  contains  chlorine  as  a  constituent  element  and  is 
an  ionogen,  does  not  yield  the  chloride  ion  but  dissociates  into 
potassium  and  chlorate  ions. 

A  number  of  metals  have  the  property  of  forming  complex 
ions  some  of  which  are  so  stable  that  they  may  be  transferred  as 
wholes  from  one  state  of  union  to  another.  The  formation  of  these 
complexes  may  lead  to  the  solution  of  salts  that  are  very  nearly 
insoluble.  Thus,  silver  chloride  dissolves  readily  in  ammonium 
hydroxide  because  of  the  formation  of  ammonioargentic  ions. 

Potassium  ferrocyanide  and  ferricyanide  contain  iron  in  the 
ferrous  and  ferric  conditions  respectively,  and  both  substances 
are  ionogens.  The  ferrocyanide,  however,  gives  no  precipitate 
with  ammonium  sulfide,  which  is  used  to  precipitate  ferrous 
iron  quantitatively ;  neither  does  the  ferricyanide  respond  to 
the  most  delicate  tests  for  the  ferric  ion.  For  example,  freshly 
prepared  potassium  ferricyanide  gives  no  red  coloration  when 
treated  with  thiocyanate ;  the  thiocyanate  ion  is  an  exceedingly 
delicate  test  for  the  ferric  ion.  If  we  subject  a  solution  of  either 
of  these  complex  cyanides  to  electrolysis,  we  find  that  the  iron 
is  a  part  of  the  negative  ion.  Each  of  these  negative  ions, 
Fe(CN)6==  and  Fe(CN)6=_,  must  be  exceedingly  stable,  since 
they  give  reactions  for  neither  ferrous  nor  ferric  ions. 

The  chemical  activity  of  ionogens  is  closely  related  to  their 
ability  to  produce  ions.  Thus,  neutralization  of  an  acid  by  a 
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base  is  an  almost  complete  reaction,  because  both  the  hydrogen 
and  hydroxyl  ions  are  used  up  in  the  formation  of  little-ionized 
water.  The  most  active  acids  are  those  which,  at  the  same 
concentration,  yield  the  largest  number  of  hydrogen  ions.  The 
fraction  to  which  a  number  of  acids,  bases,  and  salts  are  ionized 
is  given  in  the  Appendix.  The  method  of  qualitative  analysis 
depends  to  no  small  degree  upon  the  ionization  of  the  reagents 
employed.  We  shall  find  that  a  study  of  ionic  interactions  and 
the  influence  of  ions  upon  one  another  will  lead  to  a  clear 
and  logical  interpretation  of  many  facts  in  qualitative  analysis. 
Hence  we  shall  consider  these  reactions  more  fully,  both  from  a 
qualitative  and  from  a  quantitative  point  of  view. 

QUESTIONS 

1.  State  how  the  volume  of  an  isolated  quantity  of  a  gas  is 
related  to  temperature  and  pressure. 

2.  Derive  Boyle’s  Law  from  the  other  two  gas  laws. 

3.  What  are  the  chief  methods  of  measuring  vapor  densities  ? 
Upon  what  principles  are  the  methods  based? 

4.  Why  may  we  consider  a  dissolved  substance  as  being  in  a 
quasi-gaseous  condition  ? 

5.  What  facts  lead  to  the  conclusion  that  sodium  chloride 
dissociates  in  aqueous  solution  ? 

6.  Each  cubic  centimeter  of  a  solution  of  cane  sugar  contains 
0.0342  g.  of  the  solute.  If  the  solution  freezes  at  —  0.186°,  what  is 
the  molecular  weight  of  this  sugar  ? 

7.  If  9.116  g.  of  cadmium  chloride  dissolved  in  250  cc.  of  water 
gives  a  solution  which  freezes  at  —  0.928°,  to  what  degree  is  the 
salt  dissociated? 

8.  The  equivalent  conductance  of  a  0.1-normal  solution  of  acetic 
acid  at  18°  is  4.67  reciprocal  ohms.  To  what  per  cent  is  it  ionized  ? 

9.  Give  a  list  of  ionic  reactions  which  are  well-nigh  non- 
reversible  and  state  the  reasons  why  these  reactions  proceed 
almost  to  completion. 


CHAPTER  II 


PHYSICAL  AND  CHEMICAL  EQUILIBRIUM  AND 
GROUP  Y 

Physical  Equilibrium 

The  law  of  physical  equilibrium  applies  to  all  systems  in 
which,  at  constant  conditions  of  temperature  and  pressure,  a 
substance  exists  in  two  or  more  phases  in  equilibrium.  There 
are  several  types  of  systems  to  which  this  law  may  be  applied. 
We  have,  for  example,  a  condition  of  equilibrium  existing 
between  a  liquid  such  as  water  and  its  vapor,  which  exists  in 
a  closed  vessel  at  a  given  temperature  when  the  aqueous  vapor 
is  condensing  just  as  rapidly  as  the  water  is  vaporizing;  a 
liquid  and  its  solid  phase,  as  ice  and  water;  the  molecules  of 
a  substance  dissolved  in  each  of  two  immiscible  solvents  which 
are  in  contact;  and  a  solid  in  contact  with  its  solution.  It  is 
important  to  note  in  any  of  the  cases  cited  that  when  a  state 
of  equilibrium  is  reached,  the  opposing  tendencies  are  still  in 
full  operation,  and  a  change  in  any  condition  causes  a  corre¬ 
sponding  change  in  the  state  of  the  system.  The  law  of  physical 
equilibrium  states  that  if  a  single  substance  exists  in  two  or 
more  phases  in  actual  contact  when  equilibrium  is  established 
at  a  given  temperature,  the  ratio  of  the  total  concentrations1 
of  the  substance  in  its  different  phases  is  a  constant.  Thus,  if 
A  is  in  equilibrium  with  A±,  A  A±,  then 

CA:C  Al  =  K, 

1  By  concentration  is  meant  the  mass  of  a  substance  per  unit  volume.  For 
example,  one  gram-molecular  weight,  or  60  g.,  of  acetic  acid,  dissolved  in  a 
sufficient  amount  of  a  solvent  to  make  a  liter  of  solution,  gives  a  solution 
of  molar  concentration. 
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where  CA  and  denote  the  concentrations  of  A  and  A1 
respectively.  This  expression  represents  the  simplest  case. 

If  a  substance  has  different  molecular  weights  in  two  phases, 
then  the  chemical  equation  representing  the  equilibrium  be¬ 
tween  the  two  forms  of  the  substance  will  be  of  the  form 
mAn  U't  nAm.  In  this  case  the  distribution  constant  K  will  be 


This  law  is  the  result  of  experiment.  It  may  be  seen  that 
the  total  quantity  of  the  substance  in  any  phase  or  in  all 
phases,  when  equilibrium  is  reached,  may  be  variable.  Thus,  the 
quantity  of  alcohol  in  contact  with  its  vapor  may  be  a  liter  or 
any  other  volume,  for  at  a  given  temperature  the  condition  of 
equilibrium  between  the  liquid  and  its  vapor  is  independent 
of  the  quantity  of  either  component.  A  condition  of  equilibrium 
in  any  system  is  determined  by  factors  which  are  entirely 
independent  of  the  relative  or  absolute  quantities  of  a  substance 
in  its  different  phases  present  in  the  system,  provided  that  the 
substance  in  no  phase  is  in  a  very  fine  state  of  subdivision. 

An  instructive  application  of  this  law  may  be  made  to  a  case 
which  occurs  frequently  in  qualitative  analysis.  If  we  liberate 
iodine  from  an  iodide  by  means  of  chlorine  water,  we  shall  find 
that  some  of  the  iodine  remains  dissolved;  and  if  a  sufficient 
quantity  of  it  is  present,  the  solution  will  become  saturated. 
If  we  shake  the  aqueous  solution  with  chloroform,  the  greater 
part  of  the  iodine  will  pass  into  the  chloroform  and  be  present 
in  the  violet  layer  which  settles  to  the  bottom  after  agitation. 
Accurate  analysis  will  show  that  neither  solvent  can  entirely 
remove  the  iodine  from  the  other,  since  it  is  soluble  in  each 
independently.  It  will  be  found  that  the  distribution  of  the 
solute  between  the  two  solvents  will  be  in  such  a  fashion  that 
the  ratio  of  the  concentration  of  iodine  in  each  liquid  will  be 
the  same  in  any  case.1 


1  Walker,  Introduction  to  Physical  Chemistry,  p.  60  (1913). 
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We  thus  arrive  at  this  result,  that  at  a  given  temperature 
and  for  every  molecular  species  there  exists  a  constant  ratio  of 
distribution  between  two  immiscible  solvents. 

It  is  found  that  benzoic  acid  in  water  has  a  normal  molecular 
weight,  while  in  benzene  it  is  almost  completely  associated  into 
double  molecules.  If  we  denote  the  concentration  of  benzoic 
acid  in  water  and  benzene  by  c  and  cx  respectively,  then,  accord¬ 
ing  to  the  law  of  distribution,  we  have  1 

\  =  in¬ 


solubility.  The  property  of  an  ionic  component  to  be  pre¬ 
cipitated  or  not  to  be  precipitated  by  another  class  of  ions  is 
not  accidental  or  arbitrary  but  depends  upon  the  solubility  of 
the  substance  formed.  The  solubility  of  each  substance  at  a 
given  temperature  and  pressure2  and  in  a  pure  solvent  is  a 
numerically  defined  physical  property  of  the  substance.  By 
solubility  is  meant  the  number  of  grams  or  moles  of  a  sub¬ 
stance  held  in  a  unit  volume,  usually  1  liter,  of  a  solution 
which,  if  brought  in  contact  with  the  solute,  would  be  in  equi¬ 
librium,  that  is,  saturated.  These  statements  are  in  accord  with 
the  law  of  physical  equilibrium.  For  the  condition  of  solid 
common  salt  in  equilibrium  with  its  saturated  solution  we  have 


and 


NaCl.0lid^>NaCldilS0, 


NaCl 


solid 


:  C 


NaCl 


=  K. 


See  table  of  exact  solubilities  in  Appendix. 

Super  saturation.  If  water  is  saturated  with  ordinary  Glauber’s 
salt,  Na2S04  •  10H2O,  at  30°-40°,  and  the  solution  is  carefully 
cooled  to  20°  or  below,  it  is  likely  that  no  crystals  will  separate 
out.  The  solution  now  contains  more  solute  than  it  would  if 

1  For  detailed  information  consult  Nernst,  Zeitschrift  fur  physikalische 
Chemie ,  8  (1891),  110. 

2  The  solubility  of  a  gas  in  a  solvent,  say  water,  is  proportional  to  the 
pressure  at  which  the  gas  is  supplied  (Henry’s  Law).  Each  gas  is  soluble  in 
proportion  to  its  partial  pressure  (Dalton’s  Law). 
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saturated  at  its  present  temperature.  The  solution  may  be  kept 
indefinitely  without  any  noticeable  change.  If,  however,  a 
minute  crystal  of  the  solute  is  introduced  into  the  solution, 
crystallization  will  begin  immediately.  A  number  of  common 
substances  behave  similarly  to  sodium  sulfate  and  are  said  to 
have  a  tendency  to  form  supersaturated  solutions.  This  phe¬ 
nomenon  offers  no  exception  to  the  law  of  physical  equilibrium, 
for  the  law  is  applied  to  a  state  of  equilibrium  between  two 
phases.  Here  the  salt  is  present  in  only  one  phase  and  the 
element  of  equilibrium  is  lacking.  The  system  is  said  to  be  in 
a  metastable  condition.  At  times  agitation  will  start  crystalli¬ 
zation  from  supersaturated  solutions. 

The  phenomenon  of  supersaturation  is  frequently  met  with 
in  qualitative  analysis  and  is  one  which  the  analyst  must  take 
into  account.  At  times  tests  involve  the  precipitation  of  rather 
difficultly  soluble  substances  which  show  a  tendency  to  super¬ 
saturation;  and  if  proper  precautions  are  not  taken,  erroneous 
results  may  be  obtained.  For  instance,  the  common  test  for  the 
sodium  ion  consists  in  the  precipitation  of  sodium  pyroanti- 
monate  by  means  of  potassium  pyroantimonate.  The  latter  salt 
has  a  tendency  to  form  a  supersaturated  solution.  In  case  such 
a  solution  is  used  to  test  for  the  sodium  ion,  there  may  be 
formed  upon  agitation  of  the  mixture  a  precipitate  of  the  potas¬ 
sium  salt  when  no  sodium  ions  are  present.  Again,  sodium  acid 
tartrate  is  employed  as  a  reagent  for  the  identification  of  the 
potassium  ion.  Potassium  acid  tartrate  is  slightly  soluble  and 
often  forms  supersaturated  solutions.  Thus,  simply  mixing  a 
potassium  salt  with  the  sodium  tartrate  may  give  no  precipitate  ; 
and  if  the  conclusion  is  drawn  that  no  potassium  ions  are 
present,  an  inexcusable  error  is  made. 

There  are  means  of  obviating  mistakes  that  may  result  from 
such  metastable  states.  Vigorous  shaking  of  the  containing 
vessel  and  "  scratching  ”  of  its  inner  wall  below  the  liquid  with  a 
glass  rod  are  the  usual  methods  of  starting  precipitation  in  cases 
of  persistent  supersaturation.  The  most  efficient  method  is  to 
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inoculate  1  a  small  part  of  the  solution  with  a  minute  crystal  of 
the  substance  to  be  precipitated.  If  no  precipitate  forms,  the 
solution  is  not  supersaturated;  the  reason  why  no  precipitate 
is  obtained  is  because  the  solution  is  too  dilute  or  contains  none 
of  the  ions  for  which  the  test  is  made. 

Filtration  and  the  solubility  of  substances  in  fine  state  of  sub¬ 
division.  Attention  has  been  called  to  the  fact  that  the  law  of 
physical  equilibrium  is  not  valid  when  applied  to  the  condition  of 
equilibrium  between  a  solute  in  a  state  of  very  fine  subdivision 
and  its  saturated  solution.2  It  is  a  well-known  fact  in  analytical 
chemistry  that  many  "  freshly  precipitated  ”  substances  pass 
through  an  ordinary  filter  paper  but  after  a  time  may  be  sepa¬ 
rated  by  filtration  by  means  of  the  same  paper.  A  consideration 
of  the  surface  tension  which  exists  between  solid  particles  and 
the  solvent  in  contact  with  them  developed  the  belief  that  sub¬ 
stances  in  a  finely  divided  state  would  dissolve  more  rapidly 
and  be  more  soluble  than  they  would  in  a  coarser  condition  of 
subdivision.  Surface  tension  always  tends  to  produce  the 
smallest  possible  surface  between  a  liquid  and  solid  particles 
in  contact  with  the  liquid.  This  can  be  accomplished  only  by 
a  change  of  the  smaller  solid  bodies  into  larger  ones.  That  a 
very  fine  powder  is  more  soluble  than  larger  crystals  of  the 
same  substance  has  been  shown  experimentally  by  Hulett.3 
Thus,  barium  sulfate  powder  of  about  10“ 5  cm.  diameter  is 
almost  twice  as  soluble  as  larger  crystals  of  the  same  material. 

The  application  of  this  phenomenon  to  analysis  becomes 
apparent.  When  calcium  oxalate  is  precipitated,  it  is  usually  in 
such  fine  crystals  that  most  of  the  salt  will  pass  through  ordi¬ 
nary  filter  papers.  Since  the  more  minute  crystals  are  more 
soluble  than  the  larger  ones,  a  condition  of  equilibrium  between 
the  solid  and  dissolved  phases  of  the  oxalate  is  not  reached  at 

1  Ostwald,  Zeitschrift  fur  physikalische  Chemie ,  22  (1897),  289. 

2  Curie,  Bulletin  de  la  Societede  Miner alogique,  8  (1885),  145;  Ostwald,  Founda¬ 
tions  of  Analytical  Chemistry,  p.  22  ;  Hulett,  Zeitschrift  fur  physikalische 
Chemie ,  37  (1901),  385. 

3  Loc.  cit. 
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once ;  tlie  smaller  crystals  are  more  soluble  than  the  coarser 
ones,  and  consequently  the  solution  becomes  supersaturated  with 
respect  to  the  latter.  The  result  is  that  the  larger  crystals  grow 
at  the  expense  of  the  more  minute  ones  until  only  the  former 
are  present,  provided  the  process  is  allowed  to  continue  for  a 
sufficient  length  of  time.  Usually  the  process  is  hastened  by 
stirring  and  heating  the  mixture. 

A  similar  condition  is  met  with  in  the  precipitation  of  calcium, 
strontium,  and  barium  carbonates.  These  carbonates  precipitate 
in  a  very  fine  state  of  subdivision.  By  standing  in  contact  with 
the  solution  or  by  being  heated  they  go  over  into  a  less  soluble 
crystalline  form.  The  more  difficultly  soluble  form  results  when 
precipitation  takes  place  slowly.  This  result  is  accomplished  by 
slowly  adding  a  mixture  of  ammonium  chloride  and  carbonate 
to  a  solution  of  the  salts  of  these  metals.  This  point  will  be 
discussed  more  fully  in  Chapter  III. 

Chemical  Equilibrium 

The  theory  of  electrolytic  dissociation  and  the  law  of  physical 
equilibrium  have  given  an  interpretation  of  many  of  the  proc¬ 
esses  and  reactions  of  qualitative  analysis.  A  further  elabora¬ 
tion  of  the  theoretical  aspect  of  the  subject  for  the  purpose  of 
explaining  other  reactions  of  qualitative  character  is,  however, 
necessary.  To  this  end  we  shall  first  consider  the  law  of 
chemical  equilibrium. 

Reversible  reactions.  We  have  seen  that  phosphorus  penta- 
chloride,  when  heated,  dissociates  into  phosphorus  trichloride 
and  chlorine,  and  the  fraction  decomposed  increases  rapidly, 
once  it  begins,  with  a  continuous  rise  in  temperature  up  to  at 
least  300°.  If  the  pentachloride  is  kept  at  200°,  the  progress 
of  the  action  seemingly  ceases  when  51.7  per  cent  of  the  sub¬ 
stance  is  unchanged.  It  is  evident  that  the  undissociated  penta¬ 
chloride  is  as  capable  of  undergoing  decomposition  as  the  part 
which  dissociated.  The  explanation  of  this  phenomenon  lies 
in  the  fact  that  the  reaction  is  reversible ;  that  is,  chlorine  and 
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phosphorus  trichloride  unite  to  regenerate  the  original  material. 
Such  reactions  remain  more  or  less  incomplete ;  that  is,  when 
equilibrium  is  reached,  a  part  of  the  original  material  is  present 
in  the  mixture. 

A  kinetic-molecular  explanation  of  these  facts  gives  us  a 
clear  understanding  of  this  variety  of  chemical  change.  When 
dissociation  begins,  PC15  -< — h  PC13  +  Cl2,  the  molecules  of  phos¬ 
phorus  trichloride  and  chlorine  are  few  in  number ;  but  as  the 
dissociation  proceeds,  these  new  molecules  increase  in  number, 
while  the  molecules  of  the  parent  substance  diminish.  The 
increase  in  number  of  the  molecules  of  the  two  products  of 
the  forward  action  is  accompanied  by  more  frequent  collisions 
between  these  molecules  and  more  rapid  union  of  them  to  form 
the  pentachloride.  The  result  is  an  increase  in  the  speed  of 
the  reverse  action.  As  the  concentration  of  the  molecules  of  the 
pentachloride  diminishes,  the  speed  of  the  forward  action  will 
become  less  and  less.  It  is  seen  that  the  speed  of  the  forward 
action  begins  at  a  maximum,  at  a  given  temperature,  and  pro¬ 
gressively  decreases;  the  reverse  action  begins  at  a  minimum 
and  progressively  increases.  Finally  a  condition  of  equilibrium 
must  be  reached,  when  the  speeds  of  the  two  opposing  actions 
are  equal.  In  a  homogeneous  system,  such  as  we  have  consid¬ 
ered,  the  rate  at  which  a  chemical  change  takes  place  is  defined 
as  the  decrease  in  the  equivalent  concentration  of  the  reacting 
substance  per  unit  of  time. 

Effect  of  concentration.  According  to  the  kinetic-molecular 
explanation  we  have  seen  that  the  speed  of  the  reaction  de¬ 
pends  upon  the  frequency  of  collisions  between  the  molecules 
of  the  reacting  substances.  The  logical  inference  is  that  if  we 
increase  the  concentration  of  any  one  of  the  interacting  molec¬ 
ular  species,  the  frequency  of  encounter  between  the  molecules 
will  become  greater,  and  hence  the  speed  at  which  they  combine 
will  be  increased  correspondingly. 

It  is  easy  to  illustrate  this  experimentally.  If  dilute  solutions 
of  ferric  chloride  and  potassium  thiocyanate  are  mixed,  a  deep 
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red  solution  of  ferric  thiocyanate  results.  The  reaction  is  a 
simple  double  decomposition, 

FeCl8  +  3  KCNS  +=±  Fe(CNS)3  +  3  KC1. 

The  action  is  reversible  and  the  system  is  homogeneous.  If 
solid  potassium  chloride  is  added,  the  concentration  of  this  salt 
will  increase  as  it  dissolves.  This  will  favor  the  reverse  action, 
and  the  red  color  of  the  solution  will  become  less  pronounced. 
If,  however,  potassium  thiocyanate  is  added  instead  of  the 
chloride,  it  will  be  found  that  the  color  deepens  and  that  the 
forward  action  is  accelerated. 

An  increase  in  the  total  amount  of  one  of  the  interacting 
substances  may  not  cause  a  change  in  the  condition  of  equi¬ 
librium  if  the  space  within  which  the  molecules  are  free  to 
move  is  increased.  The  temperature  remaining  constant,  the 
speed  of  reaction  is  proportional  to  the  molecular  concentration 
of  each  reacting  substance.  This  is  known  as  the  law  of  molec¬ 
ular  concentrations  or  of  mass  action,  which  was  definitely  for¬ 
mulated  by  Guldberg  and  Waage.  This  law  applies  to  both 
reversible  and  irreversible  reactions. 

Law  of  mass  action  and  law  of  chemical  equilibrium.1  A  more 
exact  statement  of  the  law  just  given  is  this:  By  experiment 
it  is  learned  that  in  a  homogeneous  system  (gaseous  state  or 
dilute  solutions),  in  which  the  temperature  is  kept  constant,  the 
speed  of  any  chemical  action  is  proportional  to  the  product  of 
the  total  concentrations  of  the  reacting  molecular  substances,  each 
total  concentration  being  raised  to  a  power  equal  to  the  number 
of  molecules  of  the  substance  which  enters  into  the  reaction  as 
shown  by  the  equation  which  expresses  the  reaction  as  it  actually 
takes  place.  Further,  at  a  constant  temperature  the  product  of 
the  total  concentrations  of  the  reacting  molecular  substances, 
divided  by  the  product  of  the  total  concentrations  of  the  result¬ 
ing  substances,  each  total  concentration  being  raised  to  a  power 
equal  to  the  number  of  molecules  which  enter  into  the  reaction 

1  Friend  and  others,  Text-book  of  Inorganic  Chemistry,  1,  168-169. 
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as  shown  by  the  true  equation  which  expresses  the  reaction,  is 
a  constant.  This  is  the  law  of  chemical  equilibrium. 

Mathematical  formulation  of  the  law.  The  molecular  concen¬ 
tration,  in  any  case,  is  expressed  by  the  number  of  moles  of  a 
substance  in  a  liter.  The  speed  of  the  reaction  is  expressed 
numerically  in  equivalents  of  each  substance  transformed  in  unit 
time.  If  A  and  B  interact  to  produce  C  and  D ,  the  equation 

A  +  B+=±  C  +  D 

represents  the  reaction,  and  A,  B ,  C ,  and  D  the  four  substances 
acting  in  the  molecular  proportion  represented  by  the  equation. 
According  to  the  law  of  mass  action,  or  molecular  concentrations, 

Ca  x  C b  =  K1S  (the  speed  of  the  forward  action  is  S'),  (19) 
and 

Cc  X  CD  =  K0S1  (the  speed  of  the  reverse  action  is  S  ).  (20) 

The  speed  of  each  action  is  equal  when  equilibrium  is  estab¬ 
lished.  Thus,  dividing  equation  (19)  by  equation  (20),  we  have 

Cm  X  _  7  XOI  \ 

/-(  /-(  jr  '•'equilibrium? 

\JC  X  \jj)  Ji-2 

where  and  etc.  represent  the  total  molecular  concentra¬ 
tions  of  the  substances  A  and  B  etc. 

The  value  of  the  equilibrium  constant  depends  upon  two 
factors :  the  nature  of  the  substances  taking  part  in  the  reaction, 
and  the  temperature  at  which  the  chemical  change  takes  place. 
The  other  factors  of  the  equilibrium  are  the  concentrations  of 
the  reacting  substances.  These  may  be  varied  to  a  greater  or 
less  extent.  An  inspection  of  equation  (21)  shows  that  an 
increase  in  the  concentration  of  one  of  the  substances,  say  B , 
would  cause  a  decrease  in  the  concentration  of  A,  for  k  must 
remain  unchanged.  But  since  A  and  B  react  to  produce  C  and  D, 
the  concentration  of  the  latter  two  substances  must  increase.  If  a 
reaction  which  takes  place  in  a  homogeneous  system  is  expressed 
by  the  equation 


a  A  -f  bB  A  mM  -f-  nN, 
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then,  according  to  the  law  of  chemical  equilibrium,  we  have 


c *  x  c'; 

c;xc; 


-Je 


equilibrium  ? 


(22) 


which  is  a  general  expression  of  the  law. 

A  typical  example  of  a  system  in  equilibrium  is  afforded  by 
the  decomposition  of  hydrogen  iodide  as  represented  by  the 
equation 


2  HI 


H2  +  I2. 


This  reaction  has  been  thoroughly  studied  by  Bodenstein.1  He 
found  that  equilibrium  is  established  quickly  at  the  temperature 
of  boiling  sulfur,2  444.7°,  and  at  this  temperature  the  mixture 
contained  79  per  cent  of  hydrogen  iodide  and  10.5  per  cent  of 
each  of  the  two  elements.  The  system  is  homogeneous,  and  the 
concentration  of  each  substance  is  proportional  to  the  fraction 
of  the  mixture  which  it  represents.  Thus,  according  to  the  law 
of  chemical  equilibrium,  we  have 


CH,  X  Cr,  0.105  x  0.105 


C2 

hi 


(0. 79)5 


=  lc  =  0.01767  = 


—  (approx.). 


According  to  this,  if  the  initial  concentration  of  H2,  I2,  and 
HI  are  all  unity,  then  the  initial  velocity  of  the  union  of  H0 
and  I2  will  be  57  times  the  initial  velocity  of  the  dissociation 
of  HI. 

Ionic  equilibrium.  Electrolytic  dissociation  of  an  ionogen  is 
a  reversible  reaction  in  a  homogeneous  system.  Consequently 
the  law  of  chemical  equilibrium  applies  to  such  reactions. 
According  to  this  law  the  condition  of  equilibrium  depends 
upon  the  degree  of  ionization  or  the  extent  of  chemical  change 
of  an  ionogen.  Now,  in  qualitative  analysis  we  are  chiefly 
interested  in  ionic  reactions  which  proceed  very  nearly  to  com¬ 
pletion,  and  hence  in  dealing  with  reversible  reactions  we  need 


1  Zeitschrift  fur  physikalische  Chemie ,  13  (1894),  56;  22  (1897),  1. 

2  Mueller  and  Burgers,  Journal  of  the  American  Chemical  Society ,  41 
(1919),  763. 
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to  know  which  are  almost  complete  and  the  reasons  why  they 
are  so.  We  shall  find  that  four  varieties  of  ionic  interactions 
are  very  nearly  complete :  first,  when  a  difficultly  soluble  pre¬ 
cipitate  is  formed ;  second,  when  a  gaseous  product  is  evolved ; 
third,  when  a  very  slightly  ionizable  substance  is  produced; 
fourth,  when  an  ionic  substance  is  removed  by  the  formation 
of  a  complex  ion.  The  completeness  of  the  reaction  in  any  of 
these  cases  depends  upon  the  extent  of  removal  of  one  or  more 
of  the  reacting  or  resulting  substances.  To  illustrate,  take  the 
case  of  neutralization  of  hydrochloric  acid  by  sodium  hydroxide. 
If  both  solutions  are  0.2  normal  at  the  beginning,  they  are  0.1 


normal  after 

mixing.  1 

<"or  their 

ionization  and  interaction 

have  at  18° 

(84%) 

(0.0568%) 

(9%) 

NaOH^ 

— *"Na+ 

+ 

OH-  (91%) 

(8%) 

HC1+- 

->ci 

J  < 

+ 

H+  (92%) 

tl 

>  r 

NaCl 

II 

h2o 

(16%) 

(99-96%) 

It  is  seen  that  the  equation  representing  the  neutralization  may 
be  expressed  as  follows: 

H+  +  0H-^=±:H20, 

since  these  are  the  only  ions  that  unite  to  any  marked  degree. 
Examples  illustrating  each  of  the  four  types  of  reactions  will 
be  given  as  occasions  demand. 

Acetic  acid  ionizes  into  the  hydrogen  ion  and  the  acetate  ion, 
CHgC02H  -<  >  H+  +  CH3C02_.  According  to  the  law  of  chemical 
equilibrium  the  expression 

CH+  X  CCHaco,—  _  j.  ( oo\ 

C—  ^ionization  J 

CH3C02H 

holds.  If  the  total  concentration  of  the  acid  is  known,  then 
the  concentration  of  each  of  the  ions  can  be  determined  by  the 
conductivity  method.  At  18°,  1.34  per  cent  of  acetic  acid  in  a 
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0.1-normal  solution  is  ionized.  The  concentration  is  3.5  g.,  or 
one  tenth  of  a  gram-molecular  weight  of  the  acid  in  a  liter  of 
a  solution.  The  molar  concentrations  of  the  three  substances 
in  the  solution  are  as  follows :  Undissociated  acetic  acid, 
0.1  x  0.9866  =:  0.09866  of  a  gram  molecule ;  hydrogen  and 
acetate  ions,  O.lx  0.013  =  0.0013  of  a  gram  ion  each.  By  sub¬ 
stituting  these  values  in  equation  (23)  we  obtain 


0.00134  x  0.00134 
0.09866 


=  k 


ionization 


0.0000182. 


The  equilibrium  constant  for  electrolytic  dissociation  is  called 
the  ionization  constant ,  and  in  this  case  is  0.0182. 

The  ionization  constant  expresses  quantitatively  the  tendency 
of  acetic  acid  to  ionize.  It  is  evident  that  the  more  highly  acids 
are  ionized  in  solutions  of  equivalent  concentrations  the  more 
active  they  will  be  as  acids,  since  the  characteristic  property 
which  all  acids  have  in  common  is  due  to  the  hydrogen  ions 
which  they  yield.  An  inspection  of  equation  (23)  shows  that 
for  the  various  monobasic  acids,  of  which  acetic  is  an  example, 
the  greater  their  degree  of  ionization  the  greater  the  value  of 
their  ionization  constants.  Hence  the  ionization  constant  of 
an  acid  is  an  indication  of  its  hydrogen-ion  concentration  at 
a  given  dilution  and  an  index  of  its  chemical  activity.  There 
is  a  wide  range  in  the  values  found  for  the  ionization  constants 
of  the  various  acids.  These  constants  are  easily  calculated  from 
data  given  in  the  Appendix  for  the  fraction  of  each  of  a  number 
of  acids  that  are  ionized. 

Dissociation  of  polybasic  acids.  For  the  dissociation  of  a 
dibasic  acid  we  should  be  inclined  to  assume  that  the  equation 


H2X  +=±  2  H+  +  X=  (A) 

would  represent  its  dissociation.  Experience,  however,  shows 
that  this  is  an  inadequate  representation.  A  dibasic  acid  dis¬ 
sociates  according  to  the  equation 
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and  the  resulting  univalent  ion,  HX  ,.  undergoes  a  further 
dissociation, 

HX-U±H+  +  X-  (C) 

The  dissociation  expressed  by  equation  (B)  is  called  the 
primary  ionization ;  by  (C),  the  secondary  ionization.  The 
ionization  constants  for  the  equilibria  expressed  by  equations 
(A),  (B),  and  (C)  are,  respectively, 


C*H+  X  Cx= 
Ch2X 

CH+  x  CHX- 


(24) 


and 


Ch2x 

CH+  x  Cx= 
C„x- 


=  k1  (primary  ionization  constant),  (25) 


k2  (secondary  ionization  constant).  (26) 


The  primary  ionization  constant  is  in  any  case  much  greater 
than  the  secondary.1  It  follows,  therefore,  from  the  values  of 
these  constants,  that  the  major  portion  of  the  hydrogen  ions 
which  polybasic  acids  yield  at  usual  concentrations  is  to  be 
attributed  to  the  primary  ionization ;  that  is,  the  primary  ioniza¬ 
tion  is  more  pronounced  than  the  secondary.  The  tertiary  and 
quaternary  dissociations  diminish  in  the  same  order. 

These  facts  may  be  illustrated  by  an  example.  Hydrogen 
sulfide  dissolves  in  water  at  25°,  giving  a  solution  of  approxi¬ 
mately  0.1-molar  concentration.  It  is  a  dibasic  acid,  and  for 
its  primary  ionization  constant  we  have2 

C„+  X  Chs-  =  91  x  10-s> 

Cn2s 

or 

CH+  x  CHS_  =  0.1  x  9.1  x  10-8  =  9.1  x  10-9  =  &3,  (27) 

1  Ostwald,  Principles  of  Analytical  Chemistry,  p.  61 ;  Abegg,  Zeitschrift  fur 
anorganische  und  allgemeine  Ghemie ,  39  (1904),  336. 

2  Auerbach,  Zeitschrift  fur  physikalische  Ghemie ,  49  (1904),  217. 
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since  we  may  consider  the  concentration  of  H2S  as  being  0.1, 
while  the  constant1  for  its  secondary  ionization  at  25°  is 

CH+  x  Cg= 


1.2  x  10-15  =  Tc, 


(28) 


'HS- 


If  we  combine  equations  (27)  and  (28),  we  have 


CH+  X  Cs=  Cn  X  Cs= 


or 


ko 


-=k 


2’ 


Ch+  x  Cs=  =  \  x  *3=  1.2  x  10-15  x  9.1  x  10-°  =  1.1  x  UP23,  (29) 

which  shows  that  the  concentration  of  the  sulfide  ion  is  inversely 
proportional  to  the  square  of  the  concentration  of  the  hydrogen 
ion.  It  should  be  noted  that  the  total  concentration  of  the 
hydrogen  ion  is  raised  to  the  second  power.  This  is  in  agree¬ 
ment  with  the  law  of  chemical  equilibrium,  for  the  coefficient 
of  the  hydrogen  ion  is  2  in  the  equation  which  expresses  the 

2  H  +  +  S=  ^ 


formation  of  H2S  from  its  ions : 


H2S.  Use  will 


be  made  of  the  ionization  constant  of  hydrogen  sulfide  when 
we  take  up  the  problem  of  precipitation  with  this  reagent. 

The  law  of  chemical  equilibrium  holds  true  when  applied  to 
the  ionic  equilibrium  of  weak  acids.  It  is  not  valid,  however, 
for  the  active  acids,  since  at  different  concentrations  these  acids 

C  +  x  C 

do  not  give  constant  values  for  the  equilibrium  ratio  — -A—  — —  • 

Hence  no  equilibrium  constant  for  these  acids  can  be  determined. 
This  fact  will  be  discussed  after  we  consider  the  dissociation  of 
bases  and  salts. 

Dissociation  of  bases.  As  would  be  expected,  the  same  gen¬ 
eral  relations  hold  for  the  bases  as  were  developed  for  the 
acids.  The  weak  bases  give  ionization  constants ;  the  active 
bases  fail  to  do  so,  as  do  the  active  acids.  Poly  acid  bases  ionize 
in  steps  in  a  fashion  analogous  to  polybasic  acids.  As  yet  the 
ionization  constants  of  only  a  few  inorganic  bases  have  been 

1  Knox,  Transactions  of  the  Faraday  Society,  4  (1908),  44. 
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determined.  This  is  attributable  largely  to  the  fact  that  a  great 
number  of  the  bases  are  sparingly  soluble. 

Like  acids,  the  bases,  at  a  given  concentration,  show  a  great 
difference  in  degree  of  ionization.  The  triacid  bases,  such  as 
ferric  hydroxide  and  aluminium  hydroxide,  are  weaker  than 
the  bases  of  the  bivalent  metals  like  strontium,  barium,  and 
cadmium.  We  shall  see  later  how  advantage  is  taken  of  differ¬ 
ences  in  ionization  of  such  active  bases  as  sodium  or  potassium 
hydroxide  and  of  weak  bases  like  ammonium  hydroxide  in 
qualitative  analysis. 

Dissociation  of  salts.  We  have  found  that  acids  and  bases, 
say  at  0.1 -normal  concentration  (see  table  in  Appendix),  vary 
considerably  in  their  degree  of  ionization.  With  few  exceptions 
salts  are  well  ionized.  As  a  rule  salts  which  yield  two  univalent 
ions  are  the  most  highly  ionized.  Those  which  yield  one  mono¬ 
valent  and  one  bivalent  ion  are  less  ionized.  Those  which 
yield  two  bivalent  ions  are  ionized  still  less.  As  a  rule  a  sub¬ 
stance  which  gives  one  trivalent  ion  ionizes  less  than  one  which 
gives  one  bivalent  ion.  Important  exceptions  to  the  general 
rule  are  salts  such  as  mercuric  cyanide,  mercuric  chloride,  and 
lead  acetate.1  We  shall  find  that  lead  sulfate,  although  a 
sparingly  soluble  salt,  is  soluble  in  a  concentrated  solution  of 
ammonium  acetate  because  of  the  formation  of  the  little-ionized 
lead  acetate  which  results  from  the  double  decomposition  reaction, 
PbS04  +  2  CH3C02NH4^=±(CH3C02)2Pb  +  (NH4)2S04.  Since 
most  salts  are  highly  ionized  and  are  strong  electrolytes,  they 

r  y  r 


do  not  give  a  constant  ratio  for 


Thus  the  law 


'molecular  substance 


of  chemical  equilibrium  is  not  valid  when  applied  to  the  dis¬ 
sociation  of  most  salts. 

Highly  ionized  substances  and  the  law  of  chemical  equilibrium. 

When  an  electrolyte,  A,  dissociates  into  two  univalent  ions, 


A 


±  B+  -f  C~, 


(A) 


1  Noyes  and  Whitcomb,  American  Chemical  Journal ,  27  (1905),  758. 
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it  follows  from  the  law  of  chemical  equilibrium  that 


<2  x  ft2 

c 


=  k, 


(B) 


where  c  represents  the  concentration  of  A,  and  c±  and  c2  the 
concentration  of  B+  and  C~  respectively.  Then 

cl  =  ck,  (C) 

since  the  ions  occur  in  chemically  equivalent  amounts.  If  a 
represents  the  degree  of  dissociation  or  ionization,  and  v  the 
volume  which  contains  one  gram  mole  of  the  ionogen  present, 
then  it  follows  that 


q-«) 

v 


and 


*1  = 


a 

v 


and  by  substituting  these  values  in  equation  (C)  we  have 
a2  =  hv(\  —  a), 


or 


(1  —  a)v 


h 


(30) 


This  is  known  as  Ostwald’s  dilution  formula.  This  formula 
holds  for  weak  binary  electrolytes,  but  is  not  valid  for  strong 
electrolytes.  This  may  be  seen  from  the  following  tables,  which 
give  the  equivalent  conductance  the  fraction  ionized  a , 
the  equilibrium  ratio  7c,  for  a  representative  weak  electrolyte 
(acetic  acid),  and  a  strong  one  (ammonium  chloride),  at  the 
dilution  v  and  at  25°. 

ACETIC  ACID1 


Equivalent  Conductance  at  Infinite  Dilution  =  252 


V 

Kv 

a 

Equilibrium  Ratio  =  Constant,  1c 

8 

4.63 

0.01193 

0.04180 

16 

6.50 

0.01673 

0.04179 

32 

9.2 

0.02380 

0.04182 

64 

12.9 

0.0333 

0.04179 

128 

18.1 

0.0468 

0.04179 

256 

25.4 

0.0656 

0.04180 

512 

35.3 

0.0914 

0.04180 

1  Walker,  Introduction  to  Physical  Chemistry,  p.  264  (1913). 
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AMMONIUM  CHLORIDE  i 


V 

\v 

a 

Equilibrium  Ratio  rot  Constant 

1 

97.0, 

0.75 

2.250 

2 

101.4 

0.784 

1.424 

10 

110.7 

0.856 

0.508 

20 

115.2 

0.892 

0.343 

100 

122.1 

0.945 

0.162 

500 

126.2 

0.976 

0.079 

1000 

127.3 

0.985 

0.065 

The  fact  that  the  law  of  chemical  equilibrium  does  not  hold 
for  highly  ionized  substances  has  afforded  the  most  weighty 
argument  against  this  law  and  against  the  theory  of  ionization 
as  well.  This  single  exception,  however,  is  not  sufficient  to 
invalidate  either  the  law  or  the  theory,  since  by  far  the  greater 
part  of  the  evidence  is  in  favor  of  both.  The  deviation  from 
the  law  of  chemical  equilibrium  which  highly  ionized  sub¬ 
stances  exhibit  is  probably  connected  with  the  high  ionic  con¬ 
centration.  When  we  discuss  the  ion  product  we  shall  see 
that  certain  applications  of  the  law  of  chemical  equilibrium 
to  highly  ionized  electrolytes  are  sufficiently  accurate  for  our 
purposes. 

Group  V 

In  a  systematic  scheme  of  analysis  separate  methods  are  used 
for  the  identification  of  the  metal  ions  and  the  acid  ions.  The 
identification  of  the  cations  usually  precedes  the  analysis  for 
the  detection  of  the  anions.  The  ions  are  divided  into  analytical 
groups.  The  basis  for  such  grouping  depends  largely,  though 
not  entirely,  upon  the  solubility  of  certain  salts  which  these 
ions  form. 

We  shall  group  the  cations  (NH4+  excepted)  in  the  order 
in  which  they  are  separated  and  identified  according  to  the 
scheme  that  we  shall  use.  The  anions  will  be  considered 
after  we  have  taken  up  a  systematic  analysis  of  the  cations. 

1  Walker,  Introduction  to  Physical  Chemistry,  p.  264  (1913). 
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Group  I.  Ions  which  yield  chlorides  that  are  difficultly  soluble 
in  water  and  acids.  The  precipitant  is  hydrochloric  acid.  The 

ions  of  this  group  are 

ad  ion,  Pb++  Mercurous  ion,  Hg+  Silver  ion,  Ag+ 
Lead  chloride  is  slightly  soluble. 

Group  II.  Ions  which  yield  sulfides  that  are  sparingly  soluble 
in  water  and  dilute  acids.  The  reagent  for  precipitating  this 
group  is  hydrogen  sulfide  in  acid  solution.  The  ions  are 

A.  Lead  ion,  Pb++  Copper  ion,  Cu++ 

Bismuth  ion,  Bi+++  Cadmium  ion,  Cd++ 

B.  Mercuric  ion,  Hg++ 

Arsenous  and  arsenic  ions,  As+++  and  As+++++ 

Antimonous  and  antimonic  ions,  Sb+++  and  Sb+++++ 
Stannous  and  stannic  ions,  Sn++  and  Sn++++ 

Group  III.  Ions  which  yield  sulfides  that  are  soluble  in  acids 
but  almost  insoluble  in  water  and  slightly  alkaline  solutions. 

The  reagents  for  precipitating  this  group  are  hydrogen  sulfide 
and  ammonium  hydroxide.  The  ions  of  this  group  are 

Nickel  ion,  Ni++  Aluminium  ion,  Al+++ 

Cobalt  ion,  Co++  Chromium  ion,  Cr+++ 

Manganous  ion,  Mn++  Zinc  ion,  Zn++ 

Ferrous  and  ferric  ions,  Fe++  and  Fe+++ 

Group  IV.  Ions  which  yield  carbonates  that  are  difficultly 
soluble  in  water.  The  reagents  for  precipitating  this  group, 
with  the  exception  of  magnesium,  are  ammonium  chloride, 
ammonium  hydroxide,  and  ammonium  carbonate.  Ammonium 
phosphate  is  used  to  precipitate  the  magnesium  ion.  The  ions  are 

Magnesium  ion,  Mg++  Strontium  ion,  Sr++ 

Barium  ion,  Ba++  Calcium  ion,  Ca++ 

Group  V.  Ions  which  yield  chlorides,  sulfides,  carbonates,  and 
phosphates  that  are  soluble  in  water.  The  ions  of  the  group  are 

Ammonium  ion,  NH4+  Sodium  ion,  Na+  Potassium  ion,  K+ 
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The  reactions  and  detection  of  the  ions  of  Group  Y  will  be 
considered  first,  and  the  other  groups  will  be  taken  up  in  the 
reverse  order  to  that  outlined.  It  must  be  remembered  that 
the  ions  of  a  lower  group,  if  present,  must  be  removed  before 
precipitation  of  the  next  higher  group  is  undertaken.  Thus, 
if  all  the  groups  are  present  in  solution,  the  ions  of  Group  I 
should  be  removed  before  further  precipitation  is  made.  At  the 
beginning  of  the  analysis  a  test  should  be  made  for  the  am¬ 
monium  ion.  The  reverse  order  of  procedure  is  chosen  because 
the  chemical  processes  involved  in  the  separation  and  identi¬ 
fication  of  the  ions  increase  in  complexity,  beginning  with 
Group  Y.  We  shall  therefore  take  up  the  simplest  reactions 
first  and  the  more  difficult  ones  later. 

General  directions.  Carefully  carry  out  the  experiments  which 
are  designed  to  give  some  of  the  characteristic  analytical 
reactions  of  the  ions  of  Group  Y.  Then  prepare  a  known 
solution  containing  these  ions  and  analyze  the  solution  accord¬ 
ing  to  Procedure  I.  The  discussion  which  follows  should 
be  read  in  connection  with  the  analysis.  After  the  ions  of 
the  known  solution  have  been  detected,  obtain  an  unknown 
and  repeat  the  procedure.  Each  group  should  be  taken  up  in 
this  manner. 

A  discussion  of  Procedure  I.  The  outstanding  characteristic 
of  the  ions  of  this  group  is  that  they  give  but  few  difficultly 
soluble  salts.  Consequently  they  are  not  removed  from  solution 
until  the  end  of  the  analysis  of  the  cations. 

It  happens  that  the  ammonium  ion  forms  salts  which  closely 
resemble  in  physical  properties  the  corresponding  salts  of 
potassium.  It  is  for  this  reason  that  the  usual  means  of  sepa¬ 
ration  of  ions  —  namely,  by  taking  advantage  of  difference  in 
solubility  of  certain  of  their  salts  —  is  not  used  for  the  separation 
of  these  ions.  Fortunately,  however,  ammonium  salts,  and 
ammonium  hydroxide  especially,  are  unstable  when  heated. 
The  hydroxide  is  the  least  stable  ammonium  compound.  Care 
must  be  taken  to  remove  the  last  trace  of  ammonium  salts, 
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since  as  little  as  1  mg. 1  of  the  ammonium  ion  may  give  a  pre¬ 
cipitate  with  the  reagent  used  to  test  for  the  potassium  ion. 

The  ammonium  ion  is  first  identified  by  treating  a  portion 
of  the  solution  with  an  active  base  such  as  lime  or  sodium 
hydroxide.  Ammonium  hydroxide  is  a  much  less  active  base 
than  sodium  hydroxide.  At  18°  and  in  a  0.1-normal  solution 
only  1.31  per  cent  of  its  molecules  are  ionized.  Its  ionization 

constant,  x  =  about  0.0&5.2  The  comparative 

Unh4oh 

inactivity  of  ammonium  hydroxide  as  a  base  and  its  instability 
are  used  as  a  means  of  identifying  the  presence  of  it  and 
its  salts. 

Evaporate  the  remainder  of  the  solution  to  dryness  and 
ignite  the  residue  to  expel  ammonium  salts.  The  dish  must 
not  be  allowed  to  become  red  hot,  since  potassium  and  so¬ 
dium  salts  may  be  volatilized  also.  During  the  evaporation 
the  liquid  should  be  stirred  to  prevent  bumping.  The  residue 
may  be  black  or  brown  as  a  result  of  the  charring  of  organic 
matter  which  was  introduced  into  the  solution  as  an  impurity 
by  some  reagent  or  from  filter  paper.  A  white  residue  of  silica 
may  also  be  present.  If  any  residue  is  obtained,  it  must  be 
tested  for  sodium  and  potassium. 

Dissolve  the  residue  from  the  ignition  in  the  least  possible 
amount  of  water.  Why  ?  Divide  the  solution  into  two  portions. 
Test  one  for  potassium,  the  other  for  sodium. 

For  the  identification  of  the  potassium  ion  use  the  cobalti- 
nitrite  test  as  described  in  Exp.  1,  e.  In  case  alcohol  is  available, 
the  perchlorate  test  (Exp.  1,  d )  may  be  employed.  If  any  pre¬ 
cipitate  is  obtained,  dissolve  it  in  hot  water  and  test  the  solution 
for  K+  with  sodium  cobaltinitrite. 

When  the  flame  reaction  is  used  to  determine  the  presence 
of  sodium  salts,  if  only  an  evanescent  yellow  coloration  of  the 
flame  is  obtained  the  presence  of  sodium  should  not  be  reported. 

1  Noyes,  Qualitative  Chemical  Analysis,  p.  88  (1915). 

2  Moore,  Journal  of  the  Chemical  Society ,  91  (1907),  1379. 
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The  yellow  color  should  persist  for  five  seconds  or  longer.  The 
sodium  pyroantimonate  test  is  not  extremely  delicate.  When 
1  mg.  or  more  of  sodium  is  present,  a  white  crystalline  precipitate 
is  easily  obtained.  The  metals  of  the  alkaline  earths  give  pre¬ 
cipitates  with  potassium  pyroantimonate,  but  these  precipitates 
are  flocculent. 

REACTIONS  AND  PROCEDURE  FOR  THE  DETECTION  OF 
THE  IONS  OF  GROUP  Y 

Potassium  ion,  K+ 

Experiment  1 .  a.  Clean  a  platinum  wire 1  until  it  gives  no 
color  to  a  nonluminous  flame.  Heat  a  little  potassium  chloride 
on  the  end  of  the  wire  and  examine  the  flame  with  the  naked 
eye  and  then  through  a  piece  of  thick  cobalt  glass.  Repeat  the 
experiment  with  a  mixture  of  the  chlorides  of  potassium  and 
sodium.  Can  both  metals  be  identified  in  this  way  ? 

b.  Heat  separately  in  a  small  casserole  the  hydroxides  of 
potassium  and  sodium.  Test  the  vapor  above  each  solution 
with  moist  neutral  litmus  paper.  Give  results. 

c.  Add  to  one  drop  of  a  10  per  cent  solution  of  chloroplatinic 
acid,  H2PtCl6,  an  equal  quantity  of  a  molar  solution  of  potassium 
chloride.  Do  solutions  of  both  ammonium  and  sodium  chloride 
give  precipitates  with  this  reagent?  Which  salts  can  we  dis¬ 
tinguish  by  this  test?  Potassium  chloroplatinate  is  soluble  in 
sodium  hydroxide ;  its  molar  solubility  in  pure  water  is  0.023 
(1  g.  of  the  salt  per  100  cc.  of  water)  at  15°.  K2PtCl6  is  almost 
insoluble  in  80  per  cent  alcohol. 

d.  To  0.2  g.  of  potassium  chloride  add  twice  the  quantity  of 
a  20  per  cent  solution  of  perchloric  acid  necessary  to  form  potas¬ 
sium  perchlorate,  and  evaporate  it  until  the  acid  is  of  a  sirupy 
consistency.  Treat  the  mixture  with  5  cc.  of  boiling  water  and 
again  evaporate  until  all  hydrogen  chloride  is  expelled  and  dense 
fumes  of  the  acid  (HC104)  are  given  off.  During  the  evaporation 

1  The  wire  should  be  kept  in  hydrochloric  acid.  If  it  gives  a  flame  reaction, 
heat  it  with  acid,  rinse  it  with  distilled  water,  and  continue  this  treatment  until 
it  is  clean. 
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the  contents  of  the  dish  should  be  stirred  continually.  Cool 
the  product  thoroughly  and  stir  it  vigorously.  During  the  stir¬ 
ring  add  to  it  from  four  to  five  times  its  volume  of  95  per  cent 
alcohol.  Continue  to  stir  the  mixture  for  several  minutes  if  the 
precipitate  is  large.  Does  the  potassium  perchlorate  dissolve  ? 
Determine  whether  this  method  may  be  used  to  separate  potas¬ 
sium  from  sodium.  Does  the  presence  of  a  sulfate  interfere  with 
this  test  ?  If  so,  how  may  it  be  removed  ?  If  this  experiment 
is  followed  as  directed,  as  little  as  1  mg.  of  potassium  will  give 
a  precipitate. 

e.  Treat  5  cc.  of  a  potassium  chloride1  solution,  made  slightly 
acid  with  acetic  acid,  with  0.1  cc.  of  sodium  cobaltinitrite, 
Na3Co(N02)6,  solution.  Repeat,  using  5  cc.  of  the  nitrite.  What 
is  the  effect  of  adding  the  larger  quantity  of  the  reagent  ?  Do 
ammonium  salts  give  precipitates  similar  to  those  of  potas¬ 
sium  ?  Potassium  cobaltinitrite  is  soluble  to  the  extent  of  1  g.  in 
11,000  cc.  of  water  at  15°. 

/.  Determine  by  experiment  the  best  condition  for  precipi¬ 
tating  potassium  as  potassium  hydrogen  tartrate.  Note  the 
following :  Is  the  acid  tartrate  soluble  in  sodium  hydroxide  ? 
in  acetic  acid  or  tartaric  acid  ?  in  hydrochloric  acid  ?  Is  the 
precipitation  of  the  salt  increased  both  by  agitation  and  by 
the  addition  of  alcohol  ? 

g.  Picric  acid  or  (more  readily)  its  sodium  salt,  with  a  solu¬ 
tion  of  a  potassium  salt,  gives  a  yellow  crystalline  precipitate. 
Do  ammonium  salts  give  an  analogous  precipitate  ? 

Sodium  ion,  Na+ 

Experiment  2.  a.  What  flame  reaction  is  given  by  sodium 
salts  T  Make  the  test  with  a  concentrated  solution  of  sodium 
chloride  and  then  with  a  dilute  one.  Do  the  intensity  and  the 
duration  of  the  coloration  indicate  the  amount  of  sodium  present  ? 

b.  Pour  into  a  test  tube  a  mixture  of  2  cc.  of  sodium  chloride 
solution  (slightly  alkaline  with  KOH)  and  4  cc.  of  potassium 
pyroantimonate,  K2H2Sb207,  and  allow  it  to  stand  for  an  hour 

1  Concentrations  to  be  used  are  given  in  Appendix  except  when  otherwise 
specified. 
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or  more.  Precipitation  may  be  hastened  by  scratching,  with  a 
stirring  rod,  the  inner  side  of  the  tube  just  below  the  surface 
of  the  liquid.  In  this  way  a  crystalline  precipitate  of  sodium 
pyroantimonate  may  be  obtained  when  as  little  as  1  mg.  of  sodium 
is  present. 

Ammonium  ion  NH4+ 

Experiment  3.  a.  Do  ammonium  salts  give  a  characteristic 
flame  reaction  ? 

b.  Heat  separately  to  dull  redness  in  a  porcelain  crucible  the 
solid  chlorides,  sulfates,  and  phosphates  of  potassium,  sodium, 
and  ammonium.  Can  this  method  be  employed  for  separating 
ammonium  salts  from  those  of  sodium  and  potassium  ? 

c.  Test  the  vapor  from  ammonium  hydroxide  with  moist  red 
litmus  paper.  Interpret  and  compare  the  result  with  that 
obtained  in  Exp.  1,  b. 

d.  In  a  small  beaker  treat  a  solution  of  an  ammonium  salt 
(for  example,  the  chloride)  with  sodium  hydroxide.  Cover  the 
beaker  with  a  watch  glass  on  the  under  side  of  which  is  adhering 
a  piece  of  moist  red  litmus  paper.  Gently  warm  the  solution 
.and  note  any  change  in  color  of  the  litmus  paper.  Repeat  the 
experiment,  using  first  limewater  and  then  slaked  lime.  Give 
observations  and  explain  results  in  terms  of  chemical  equi¬ 
librium.  Write  equations  expressing  the  reactions. 

e.  Repeat  Exp.  3,  d ,  using  a  filter  paper  moistened  with 
mercurous  nitrate  solution  instead  of  litmus  paper. 

PROCEDURE  I 

Analysis  of  Group  Y 

1.  Identification  of  ammonium  ion.  To  determine  the  presence 
or  absence  of  the  ammonium  ion,  treat  a  small  portion  of  solu¬ 
tion  according  to  Exp.  3,  d.  Remove  any  ammonium  salt  by 
evaporating  the  remainder  of  the  solution  to  dryness  and  ignit¬ 
ing  the  residue  at  dull  red  heat  until  white  fumes  are  no  longer 
evolved.  Dissolve  the  resulting  product  in  the  least  possible 
amount  of  water  and  divide  the  solution  into  two  portions. 


54 


QUALITATIVE  CHEMICAL  ANALYSIS 


2.  Identification  of  the  sodium  ion.  Use  only  one  of  the  portions 
obtained  in  Proc.  I,  1,  for  the  following  tests.  Transfer  a  drop 
or  two  of  the  solution  to  a  watch  glass  and  add  a  drop  of 
hydrochloric  acid  to  the  liquid.  Test  the  acidulated  solution 
for  the  sodium  ion  by  the  flame  reaction  as  described  by 
Exp.  2,  a.  Make  the  portion  from  which  a  drop  or  two  was 
taken  slightly  alkaline  with  potassium  hydroxide,  and  test  the 
solution  for  the  sodium  ion  according  to  Exp.  2,  b. 

3.  Identification  of  the  potassium  ion.  In  a  manner  similar 
to  that  given  under  the  identification  of  the  sodium  ion,  test 
the  second  portion  for  the  potassium  ion  by  Exp.  1,  a  and  e. 

Ask  your  instructor  for  an  unknown  and  analyze  it  for  the 
ions  of  Group  V. 

QUESTIONS 

1.  Which  would  be  the  more  effective,  —  to  make  a  single  extrac¬ 
tion  of  iodine  from  10  cc.  of  a  saturated  water  solution  with  10  cc. 
of  chloroform,  or  to  make  two  extractions,  using  5  cc.  of  chloroform 
for  each  ?  Explain. 

2.  How  may  analytical  errors  arising  from  supersaturation  be 
avoided  ? 

3.  Give  an  example  to  illustrate  the  effect  of  increasing  the  con¬ 
centration  of  one  of  the  molecular  substances  present  in  a  system 
in  equilibrium. 

4.  Give  the  mathematical  expression  for  the  ionization  constant 
of  carbonic  acid. 

5.  What  is  meant  by  " equilibrium  constant”?  "ionization  con¬ 
stant  ”  ?  Of  what  service  are  these  constants  to  the  analyst  ? 

6.  According  to  Ostwald’s  dilution  formula,  what  effect  would  an 
increase  in  dilution  have  upon  the  ionization  of  an  ionogen  ? 

7.  Represent  the  decomposition  of  ammonium  compounds,  NH4X, 
by  an  equation.  Is  the  form  of  decomposition  of  all  ammonium 
salts  the  same  ? 

8.  If  all  ammonium  salts  are  not  removed  by  volatilization,  what 
difficulty  would  they  make  in  the  analysis  of  Group  V. 

9.  Why  should  the  formation  of  potassium  cobaltinitrite  be  used 
as  a  final  test  for  the  potassium  ion  ? 


CHAPTER  III 


IONIC  EQUILIBRIUM  TREATED  QUANTITATIVELY 
AND  GROUP  IV 


Ionic  Equilibrium  treated  Quantitatively 


During  the  discussion  of  ionic  equilibrium  we  found  that 
the  relation 

L>h+  X  UcH3CQ2~  _  7, 

'‘"ionization 

CH3CO2H 

holds  for,  the  ionization  of  acetic  acid : 

CH3C02H  H+  +  CH3C02- 


Furthermore,  it  was  pointed  out  that  a  change  in  the  concen¬ 
tration  of  any  component  of  the  system  would  produce  a  change 
in  the  condition  of  the  equilibrium.  A  few  examples  will  serve 
to  make  this  fact  clear. 

Effect  of  dilution.  A  tenth-normal  solution  of  acetic  acid  at 
18°  is  ionized  to  1.84  per  cent.  Its  ionization  constant  is 
therefore 


0.00134  x  0.00134 
0.09866 


=  0.04182  =  &i<mizalion. 


If  the  solution  is  diluted  to  ten  times  its  original  volume,  and 
if  the  equilibrium  should  remain  undisturbed,  then  the  ratio 


0.000134  x  0.000134 
0.009866 


=  0.05182 


would  hold. 

This  value,  however,  is  only  one  tenth  that  of  the  ionization 
constant  for  acetic  acid.  From  this  it  is  seen  that  the  acid 
must  be  more  highly  ionized  in  0.01-normal  solution  than  in 
0.1 -normal,  since  the  value  of  k  must  be  the  same  in  each 
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case.  We  have  found  this  to  be  the  case.  As  a  matter  of  fact 
0. 01-normal  acetic  acid  is  ionized  to  4.17  per  cent.  Thus  we 
have 


0.000417  x  0.000417 
0.009583 


=  0.0  181, 

4  7 


which  is  in  accord  with  the  law  of  chemical  equilibrium. 

Repression  of  ionization  by  a  common  ion.  One  of  the  most 
important  practical  results  of  a  consideration  of  ionic  equilib¬ 
rium  is  to  give  a  better  understanding  of  the  influence  of  a 
common  ion.  The  chemical  activity  of  a  slightly  ionized  reagent 
is  greatly  diminished  by  the  addition  of  a  highly  ionized  sub¬ 
stance  which  yields  a  common  ion.  Thus,  if  the  concentration  of 
the  acetate  ion  is  increased  by  the  addition  of  solid  ammonium, 
sodium,  or  potassium  acetate  to  acetic  acid,  the  concentration 
of  the  hydrogen  ion  of  the  latter  is  reduced,  since  these  salts 
are  more  highly  ionized  than  the  acid. 

Suppose,  for  example,  that  one  tenth  of  a  molecular  weight, 
8.2  g.,  of  sodium  acetate  is  added  to  a  0.1 -normal  solution  of 
acetic  acid.  The  fraction  of  the  salt  ionized  is  0.79 ;  of  the  acid, 
0.0134.  The  concentration  of  the  acetate  ion  is  greatly  increased, 
and  if  no  change  hi  ionization  of  the  acid  should  take  place,  we 
should  have 


0.00134  x  0.08034 
0.09866 


0.02109. 


This  value  is  greater  than  the  ionization  constant  for  acetic  acid. 
Consequently,  there  must  be  a  change  in  the  equilibrium,  since 
under  this  condition  the  ions  combine  more  rapidly  than  they 
are  produced.  Thus  the  concentrations  of  the  hydrogen  and 
acetate  ions  must  diminish  and  the  concentration  of  the  undis¬ 
solved  molecules  increase.  We  have,  therefore, 


Q0. 00134  -  x)  (0.08034  -  x)  _  Q  Q  lgo 
(0.09866  +  x)  “  '  4  ’ 

where  x  represents  the  decrease  in  the  concentration  of  the 
hydrogen  ion  and  of  the  acetate  ion,  and  also  the  increase  of 
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the  molecular  substance.  From  this  we  obtain  £=  0.00132. 
The  concentration  of  the  hydrogen  ion  after  the  addition  of  the 
acetate  is  0.00134  —  0.00132,  or  0.00002.  Therefore  the  concen¬ 
tration  of  the  hydrogen  ion  is  diminished  about  sixtyfold. 

Likewise  the  addition  of  an  active  acid,  such  as  hydrochloric 
acid,  to  acetic  acid  will  repress  the  ionization  of  the  latter,  since 
the  total  concentration  of  the  hydrogen  ion  is  increased.  Conse¬ 
quently  the  equilibrium  CH3C02H  -<  >  H+  +  CHQC02“  is  shifted 
by  union  of  the  ions.  Also,  the  concentration  of  the  hydroxyl 
ion  in  an  ammoniacal  solution  is  repressed  by  the  addition  of 
solid  ammonium  chloride  or  other  highly  ionized  ammonium 
salts.  An  example  to  illustrate  this  fact  will  be  given  later. 

Displacement  of  an  acid  or  base  by  another.  Reactions  which 
involve  the  displacement  of  an  acid  or  a  base  by  another  will 
be  explained  on  the  basis  of  the  repression  of  the  ionization  of 
a  slightly  ionized  substance  by  the  common  ions  of  a  more 
highly  ionized  acid  or  base.  It  is  not  always  the  case  that  a 
more  highly  ionized  acid  will  displace  a  less  active  one.  For 
instance,  mercuric  sulfide  is  practically  insoluble  in  hydrochloric 
acid,  even  though  this  acid  is  exceedingly  more  active,  as  an  acid, 
than  hydrosulfuric  acid.  Often  the  effect  of  the  high  concen¬ 
tration  of  the  hydrogen  ion  produced  by  an  active  acid  is 
practically  nullified  by  the  formation  of  a  difficultly  soluble 
precipitate,  the  production  of  a  little-ionized  substance,  or  the 
evolution  of  a  gas.  A  number  of  examples  illustrating  each 
case  will  be  given  as  occasion  demands. 

Precipitation  and  solution  of  substances.  One  of  the  most 
instructive  and  important  applications  of  the  concepts  which  we 
have  developed  is  met  with  in  the  precipitation  and  solution  of 
difficultly  soluble  substances.  W e  have  already  discussed,  under 
physical  equilibrium  (q.  v.),  the  condition  of  a  system  consisting 
of  a  saturated  solution  in  contact  with  the  solid  solute.  In  the 
case  of  calcium  oxalate  we  have  the  following  equilibria: 


CaC.O.  ^ 

2  4  soiid  ^ 


±  CaC  O  + 

-  4  dissol. 


±  Ca++  -f  CO 


58 


QUALITATIVE  CHEMICAL  ANALYSIS 


If  no  common  ion  is  present,  then  at  a  given  temperature  and 
for  the  special  case  of  a  saturated  solution  the  concentration 
of  the  dissolved  oxalate  as  well  as  that  of  each  of  the  ions  is 
a  constant. 

If  we  now  express  these  facts  mathematically,  we  have 
CCa++  x  CCgo4--  _ 

Colonization* 

CaC204 

But  the  concentration  of  calcium  oxalate  molecules  in  a  saturated 
solution  is  a  constant.  Hence,  by  transposing,  we  have  1 

CCa+  +  X  ^C204-  -  =  k  X  CCac204  =  kion  product* 

This  important  conclusion  is  that  in  a  saturated  solution  the 
product  of  the  total  concentrations  of  the  ions  is  constant,  provided 
each  total  concentration  is  raised  to  the  power  expressed  by  the 
coefficient  of  the  respective  ionic  substance  in  the  equation  which 
expresses  the  ionization.  This  principle  of  the  constancy  of  the 
ion  product  for  a  saturated  solution  enables  us  to  explain 
consistently  the  phenomena  of  precipitation  and  of  solution. 

Under  what  conditions  will  a  solution  of  calcium  chloride 
give  a  precipitate  when  treated  with  ammonium  oxalate?  We 
have  shown  that  in  a  saturated  solution  of  calcium  oxalate  the 
product  of  the  ion  concentrations,  CCa++  X  CC2o4=>  is  a  constant. 
Hence,  if  the  two  solutions,  when  mixed,  are  so  dilute  that  the 
product  of  the  concentrations  of  the  calcium  and  oxalate  ions 
give  a  value  which  is  less  than  the  ion-product  constant,  no 
precipitation  takes  place. 

Calcium  oxalate  is  a  difficultly  soluble  salt,  and  consequently 
the  product  of  the  concentrations  of  its  ions  is  small.  Usually, 
therefore,  when  the  two  salts  are  mixed,  the  ion  product  con¬ 
siderably  exceeds  the  value  of  the  constant,  and  hence  calcium 

1  The  validity  of  the  theoretical  derivation  of  this  relation  is  open  to  ques¬ 
tion.  The  principle  is  an  empirical  one,  and  from  experimental  evidence  it 
appears  to  hold  for  solutions  in  which  the  total  concentration  of  the  electrolyte 
is  not  more  than  0.3  gram-equivalent  per  liter  (Stieglitz,  Journal  of  the  American 
Chemical  Society ,  30  (1908),  9460). 
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oxalate  precipitates  until  there  remains  only  enough  of  each  of 
the  ions  to  give  the  numerical  value  in  question.  From  the 
foregoing  considerations  we  derive  the  generalization  that  when 
the  total  concentrations  of  any  two  ions  in  a  system  are  substi¬ 
tuted  in  the  equation  which  expresses  the  ion-product  constant 
for  the  compound  formed  by  the  union  of  the  ions,  and  their 
product  exceeds  this  constant,  the  compound  will  be  precipitated. 
The  same  explanation  is  applicable  to  all  double-decomposition 
reactions  involving  precipitation. 

The  molar  solubility  of  calcium  oxalate  is  0.045B.1  The  salt 
at  this  dilution  may  be  considered  as  completely  ionized  (which 
is  practically  true).2  Thus  the  concentration  of  each  ion  is 
O.OJ53,  and  the  product  of  their  concentrations  is  0.0453  x  0.0453, 
or  0.0g2815,  which  is  the  ion-product  constant  of  this  salt.  From 
this  it  may  be  seen  that  an  excess  of  either  the  calcium  or  oxalate 
ion  would  reduce  the  solubility  of  calcium  oxalate,  since  the 
product  of  the  concentrations  of  the  ions  would  exceed  the  value 
of  the  ion-product  constant.  As  a  rule  an  excess  of  a  precipitant 
promotes  the  precipitation  of  a  compound.  Thus,  the  addition  of 
0.14  g.  of  ammonium  oxalate  to  a  liter  of  a  saturated  aqueous 
solution  of  calcium  oxalate  would  decrease  the  solubility  of  the 
latter  salt  to  about  one  hundredth  its  original  amount.  Hence 
the  concentration  of  one  ion  of  a  difficultly  soluble  salt  in  a  satu¬ 
rated  solution  of  the  same  salt  is  dependent  upon  the  concentration 
of  the  other  ions. 

From  the  preceding  considerations  the  condition  for  the  solu¬ 
tion  of  any  ionogen  becomes  evident.  The  condition  is,  namely, 

when  the  concentrations  of  any  two  ions  in  a  system  are  substi¬ 
tuted  in  the  equation  which  expresses  the  ion-product  constant 
for  the  compound  formed  by  the  union  of  the  ions,  and  their 
product  is  less  than  this  constant,  the  compound  will  be  dissolved. 

This  principle  is  applicable  to  the  solution  of  sparingly  soluble 
salts  and  is  of  considerable  importance  in  qualitative  analysis. 

1  At  25°. 

2  The  oxalate  is  96  per  cent  ionized,  and  the  ion-product  constant  is  0.0826. 
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Application  of  the  principle  of  ion-product  constancy  to  the 
solution  of  sparingly  soluble  substances.  It  lias  been  pointed 
out  that  the  solubility  of  a  substance  in  pure  water  is  a  numeri¬ 
cally  defined  property  and  is  fixed  at  a  given  temperature. 
For  instance,  equilibrium  is  reached  between  solid  magnesium 
hydroxide  and  its  aqueous  solution  when  0.0g2  of  a  mole  is 
present  in  a  liter  of  solution : 

MS(°H  A*  ^  Mg(0H >W  ^  MS++  +  2  0H'- 

If  to  the  system  a  reagent  is  added  which  will  reduce  the  con¬ 
centration  of  one  of  the  ions,  then  the  product  of  the  concen¬ 
trations  of  the  ions  will  diminish,  and  further  solution  of  the 
solid  hydroxide  will  be  necessary  in  order  to  raise  the  product  to 
the  value  for  a  saturated  solution.  If,  for  example,  hydrochloric 
acid  is  added  to  the  mixture,  the  hydroxyl  ions  will  combine 
with  the  hydrogen  ions  to  form  water  which  is  slightly  ionized. 
If  sufficient  acid  is  added,  the  concentration  of  the  magnesium 
ion  will  continue  to  increase  until  all  the  hydroxide  dissolves, 
since  the  hydroxyl  ions  are  removed  to  such  an  extent  that  the 
ion-product  constant  for  magnesium  hydroxide  is  not  reached. 

In  the  reaction  mixture,  in  which  there  is  an  excess  of  acid, 
the  concentration  of  the  hydroxyl  ion  is  not  more  than  that 
given  by  water,  which  is  0.0768.  The  ion  product  for  water, 
CH+  X  C0H->  is  (0.0768)2,  or  0.01446.  A  saturated  solution  of 
magnesium  hydroxide  contains  0.032  moles  of  the  base  per  liter 
of  solution  at  18°.  If  we  assume  that  the  hydroxide  in  this 
dilute  solution  is  completely  ionized,  then  for  the  value  of  the 
ion-product  constant  we  have 

CMg++  x  CgH-  =  0.032  x  (0.034)2  =  0.01032. 

It  should  be  noted  that  since  each  molecule  of  magnesium 
hydroxide  yields  two  hydroxyl  ions ,  the  total  concentration  of 
this  ion  is  double  that  of  the  magnesium  ion,  and  that  the  total 
concentration  of  the  former  is  raised  to  the  second  power.  It  is 
seen  that  the  concentration  of  the  hydroxyl  ion  is  so  small 
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that  the  concentration  of  the  magnesium  ion  would  have  to  be 
0.0  32 

about  7000,  q~q10^  ?  gram  ions  per  liter  before  magnesium 

hydroxide  would  cease  to  dissolve  in  hydrochloric  acid ;  but 
such  a  large  concentration  of  this  ion  is  impossible  on  account 
of  the  limited  solubility  of  magnesium  salts. 

The  effect  of  a  common  ion.  The  table  of  exact  solubilities 
shows  that  magnesium  hydroxide  is  difficultly  soluble.  It  is 
readily  precipitated  from  a  solution  of  a  magnesium  salt,  for 
example,  the  sulfate,  by  sodium  or  potassium  hydroxide.  It  is 
incompletely  precipitated  by  ammonium  hydroxide  and  usually 
is  not  precipitated  at  all  by  a  mixture  of  ammonium  hydroxide 
and  an  ammonium  salt.  Many  attempts  have  been  made  to 
explain  this  fact,  but  the  only  successful  interpretation  of  the 
phenomenon  is  based  upon  the  theory  of  ionization  and  the  law 
of  chemical  equilibrium.1 

We  have  shown  that  the  addition  of  solid  sodium  acetate  to 
an  aqueous  solution  of  acetic  acid  resulted  in  the  repression  of 
the  hydrogen  ion.  Likewise,  it  may  be  shown  that  ammonium 
chloride  represses  the  concentration  of  the  hydroxyl  ion  pro¬ 
duced  by  ammonium  hydroxide.  The  ion-product  constant  of 
magnesium  hydroxide  is  obtained  from  two  factors,  the  con¬ 
centration  of  the  magnesium  ion  and  the  square  of  the  concen¬ 
tration  of  the  hydroxyl  ion.  When  the  product  of  these  factors 
exceeds  the  value  of  the  ion-product  constant,  0.0lo32,  then 
precipitation  occurs ;  otherwise  no  precipitate  is  formed. 

At  18°  and  in  a  0.1 -molar  solution  magnesium  sulfate  is 
ionized  to  the  extent  of  37.3  per  cent.  At  the  same  tempera¬ 
ture  a  0.1-normal  solution  of  ammonium  hydroxide  is  ionized 
1.31  per  cent.  When  ammonia  is  dissolved  in  water,  the  fol¬ 
lowing  equilibria  result: 


NH, 


h2o 


NH  OH 

4 


±nh4+  +  oh- 


1  Lov£n,  Zeitschrift  fur  AnorganUche  und  Allgemeine  Chemie ,  11  (1896) 
404;  Treadwell,  ibid.,  37  (1903),  326;  Herz  and  Mulis,  ibid.,  38  (1904),  138. 
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According  to  the  law  of  chemical  equilibrium  we  have 


CHN3  x  CH2q  _  7 

n  — 

'-'NH40H 


In  a  dilute  solution  and  at  the  given  temperature  the  con¬ 
centration  of  water  may  be  taken  as  constant.  Hence 


'NH3 


=  h 


VNH40H  '-'H20 

The  ionization  constant  for  the  hydroxide  is 


C 


nh4- 


X  Crm— 


0H_  =  k2  =  0.055. 


(A) 


(B) 


'NH4OH 


If  CnH4oh  *s  added  to  both  sides  of  equation  (A),  written  in 
the  form  CNH3  =  CNH4oh  X  h  we  have 

CnH3  d“  CNH4OH  =  CnH40h(^  d-1)  =  Cjn^OH  X  &3. 


Therefore 


''NH4OH 


 ^NH3  +  C 


NH40H 


kn 


By  substituting  this  value  for  CNil40H  in  equation  (B)  we  obtain 
CNh4+  X  C0H-  _  ^2 _  TV  _  n  A  17/1 


CnH3  “b  CNH40H 


^  =  K 

K 


0.0  174. 

4 


The  value  of  the  constant  obtained  by  equation  (C)  indi¬ 
cates  the  activity  of  ammonium  hydroxide  as  a  base.  Suppose 
10  cc.  of  a  normal  solution  of  ammonium  hydroxide  is  added 
to  an  equal  volume  of  a  0.2-molar  solution  of  magnesium  sulfate. 
W ould  magnesium  hydroxide  be  precipitated  ?  The  ammonium 
hydroxide  is  0.5  normal  and  at  this  dilution  is  ionized  to  the 
extent  of  0.58  per  cent;  the  sulfate  is  0.1  molar  and  is  ionized 
to  87  per  cent.  The  product  of  the  concentration  of  the  mag¬ 
nesium  ion  and  the  square  of  the  concentration  of  the  hydroxyl 
ion  (0.0058  x  0.5  =  0.00290)  is 

0.0  8  7  x  (0.0  0  29)2  =  0.0631. 

This  value  is  somewhat  diminished  by  the  ammonium  sulfate 
which  is  produced,  but  is  so  much  larger  than  the  ion-product 
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constant,  0.0lo32,  for  magnesium  hydroxide,  that  it  is  evident 
that  the  hydroxide  will  be  precipitated  (see  Exps.  4,  d ,  and 
7,  a),  although  the  precipitation  will  be  incomplete. 

Suppose  enough  solid  ammonium  chloride  is  added  to  the 
hydroxide  to  give  a  total  concentration  of  0.5  for  the  ammo¬ 
nium  ion.  Will  this  mixture  precipitate  magnesium  hydroxide 
from  the  magnesium  sulfate  solution  ?  If  we  substitute  the 
foregoing  values  in  the  equation  for  the  ionization  constant 
for  ammonium  hydroxide,  we  have 

0.5  x  (0.00290  —  x)  _  q  q  -j  „a 
(0.9942  x  0.5)  +  x  ~  '  4  ' 

The  value  of  x  is  0.00288.  The  concentration  of  the  hydroxyl 
ion  has  decreased  from  0.0029  to  0.00290  —  0.00288,  or  0.00002. 
The  product  of  the  concentration  of  magnesium  ion  and  the 
square  of  the  concentration  of  the  hydroxyl  ion  becomes 

0.037  x  (0.00002)2  =  0.01015. 

This  value  is  less  than  the  ion-product  constant,  and  hence, 
under  the  conditions  of  the  experiment,  no  magnesium  hydrox¬ 
ide  is  precipitated. 

Further  application  of  the  principle  of  ion-product  constancy 
to  the  solution  of  sparingly  soluble  ionogens.  Another  applica¬ 
tion  of  the  principle  is  found  in  the  explanation  of  the  fact 
that  calcium  oxalate  is  readily  soluble  in  hydrochloric  acid  but 
not  in  acetic  acid  (Exp.  4,  e).  For  the  product  of  the  concen¬ 
tration  of  the  ions  in  a  saturated  aqueous  solution  of  calcium 
oxalate  we  have 

Cc,+  +  X  CC204=  =  hon  product  =  (0.0.58)*  =  0.0,28. 

It  is  seen  that  the  ion-product  constant  0.0g28  is  exceedingly 
small.  If  by  any  means  the  concentrations  of  the  two  ions  can 
be  repressed  so  that  their  product  is  less  than  the  given  value, 
then  more  of  the  oxalate,  if  present  in  the  solid  state,  will  go 
into  solution,  and  the  process  will  continue  as  long  as  this  con¬ 
dition  is  maintained.  When  an  acid  is  added  to  a  saturated 
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solution  of  calcium  oxalate,  the  amount  of  oxalate  ions  which 
will  combine  with  the  hydrogen  ions  to  form  undissociated 
oxalic  acid  will  depend  upon  the  concentration  of  the  latter  ion. 

The  oxalic  acid  which  is  formed  gives  a  primary  ionization 
constant,  at  25°,  of  0.038  and  a  secondary  constant  of  O.O^.1 
Both  of  these  constants  are  greater  than  the  ionization  constant 
for  acetic  acid.  Hence,  if  calcium  oxalate  is  treated  with  acetic 
acid,  the  small  concentration  of  the  hydrogen  ion  produced  by 
the  acid  would  repress  only  to  a  very  slight  extent  the  oxalate 
ion  of  oxalic  acid,  and  would  therefore  remove  but  few  oxalate 
ions  from  solution.  The  direct  inference  from  this  consideration 
is  that  acetic  acid  will  dissolve  calcium  oxalate  only  to  a  very 
limited  extent.  On  the  other  hand,  hydrochloric  acid  is  highly 
ionized.  By  double  decomposition  some  oxalic  acid  is  formed 
when  hydrochloric  acid  is  added  to  a  saturated  solution  of  cal¬ 
cium  oxalate.  An  excess  of  hydrochloric  acid  would  repress  the 
oxalate  ion  and  thereby  promote  the  formation  of  undissociated 
oxalic  acid.  In  this  way  the  concentration  of  the  oxalate  ion  is 
reduced  so  low  that  the  product  of  its  concentration  with  that 
of  calcium  ion  is  less  than  the  ion-product  constant  of  calcium 
oxalate.  Thus  more  of  the  solid  oxalate  goes  into  solution. 
This  process  will  continue  as  long  as  the  product  of  these  ions 
is  less  than  the  constant  in  question.  Hence  calcium  oxalate 
is  soluble  in  hydrochloric  acid.  From  the  foregoing  discussion 
we  derive  the  following  principle :  A  salt  of  a  weak  acid  will 
dissolve  in  a  more  active  acid  provided  the  active  acid  produces 
a  sufficient  concentration  of  the  hydrogen  ion  to  repress  the 
concentration  of  the  anion  of  the  salt  to  such  an  extent  that, 
when  the  concentrations  of  the  ions  of  the  salt  are  substituted 
in  the  equation  for  its  ion-product  constant,  the  value  of  the 
product  is  less  than  the  constant.  Hence  it  follows  that  only 
the  very  difficultly  soluble  salts  of  weak  acids  fail  to  dissolve  in 
active  acids. 

1  Chandler,  Journal  of  the  American  Chemical  Society ,  30  (1908),  713. 
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Group  IV 

A  discussion  of  Procedure  IV.  The  ammonium  carbonate 
reagent  which  is  used  to  precipitate  Group  IV  consists  of 
ammonium  chloride,  ammonium  hydroxide,  and  ammonium 
carbonate.  An  excess  of  this  reagent  must  be  added  to  insure 
the  complete  precipitation  of  calcium,  barium,  and  strontium 
carbonates.  The  ammonium  hydroxide  prevents  the  hydrolysis 
of  ammonium  carbonate, 

(NH4)2C03  +  HsO  hT±NH4HC03  +  NH4OH, 

and  thus  increases  the  concentration  of  the  carbonate  ion. 
Why  ?  When  the  concentration  of  ammonium  carbonate  re¬ 
agent  and  the  magnesium  ion  are  sufficiently  great,  the  double 
salt  MgCOg  •  (NH4)2C03  •  4  H20  is  precipitated  in  the  cold. 
This  salt  is  much  more  soluble  in  hot  water.  It  is  recommended 
that  the  mixture  be  warmed  after  the  addition  of  the  precipi¬ 
tant.  It  must  not  be  boiled  for  any  length  of  time,  for 
ammonium  carbonate  will  decompose: 

(NH4)2C03  2  nh3  +  h2o  +  co2. 

The  decrease  in  the  concentration  of  the  carbonate  ion  disturbs 
the  equilibrium  with  respect  to  the  solid  carbonates.  As  a 
result  the  carbonates  will  go  into  solution.  Also,  too  great 
a  concentration  of  the  ammonium  ion  tends  to  dissolve  these 
carbonates  or  prevent  their  precipitation.  Ammonium  chloride 
should  be  added  before  this  group  is  precipitated  only  when 
ammonium  hydroxide  alone  causes  a  cloudiness  in  the  solution. 
Ammonium  chloride  promotes  the  hydrolysis  of  ammonium 
carbonate  by  repressing  the  concentration  of  the  hydroxyl  ion. 

Continued  heating  favors  the  solution  of  the  carbonates  of 
this  group ;  but  heating  should  not  be  omitted,  since  the  car¬ 
bonates  are  precipitated  in  a  fine  state  of  subdivision  (p.  35), 
and,  also,  the  double  salt  of  magnesium  may  be  precipitated 
in  the  cold.  Furthermore,  from  a  cold  solution  the  precipita¬ 
tion  of  the  carbonates  takes  place  slowly.  The  precipitate, 


66  QUALITATIVE  CHEMICAL  ANALYSIS 

after  it  is  filtered,  should  be  washed  with  the  ammonium- 
carbonate  reagent  and  not  with  water  (p.  59).  It  is  more 
soluble  in  water  than  in  the  reagent,  which  contains  a  common 
ion.  Why  ? 

It  may  be  seen  from  the  table  of  exact  solubilities  in  the 
Appendix  that  the  Solubilities  of  the  chromates  of  calcium, 
strontium,  and  barium  decrease  rapidly  in  the  order  named. 
Acetic  acid  is  added  to  increase  the  solubility  of  strontium 
chromate.  The  action  of  the  hydrogen  ion  produced  by  it 
represses  the  chromate  ion  in  accordance  with  the  equations: 

H+  +  Cr04=  +=±  HCr04", 
2HCr04-^==±H20+Cr20=, 
and  H+  +  Cr20  =  HCr207". 

Hence  it  is  evident  that  the  concentration  of  CrO  V  decreases 

4 

as  the  concentration  of  the  hydrogen  ion  increases.  Such  acids 
as  hydrochloric  or  nitric  would  therefore  prevent  the  precipita¬ 
tion  of  barium  chromate,  but  acetic  acid  is  too  little  ionized  to 
hinder  materially  the  precipitation  of  barium  chromate.  It  is, 
however,  sufficiently  ionized  to  prevent  the  precipitation  of 
strontium  chromate. 

The  test  for  the  strontium  ion  (Method  A)  by  adding  a 
saturated  solution  of  calcium  sulfate  to  a  solution  which  may 
contain  both  strontium  and  calcium  ions  depends  upon  the  fact 
that  calcium  sulfate  is  more  soluble  than  strontium  sulfate. 
The  molar  solubility  of  strontium  sulfate  is  0.000626,  and  at 
this  dilution  (saturated  solution)  it  is  ionized  to  the  extent  of 
85.3  per  cent.1  In  a  saturated  solution  of  calcium  sulfate  the 
salt  is  ionized  to  53.5  per  cent,1  and  the  concentration  of 
the  solution  is  0.01478  molar.  For  the  ion-product  constants 
of  the  two  salts  we  have 

Csr++  x  CS04=  =  KSrso4  =  (0.000532)2  =  0.06283  at  18°, 

CCa++  X  CW  =  Kcaso4  =  (0.0079)2  =  0.0,624  at  18°. 

1  Calculated  from  conductivity  determinations  and  solubilities  in  saturated 
solution,  Landolt-Bornstein, Tabellen,  4.  Auflage,  pp.462,  496, 1101, 1124  (1912). 
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By  combining  these  two  equations  we  obtain 


CSr++ 

CCa++ 


^SrSCXt 

-^-CaS04 


1 

220’ 


Hence,  in  a  solution  in  equilibrium  with  both  of  these  precipi¬ 
tates  the  calcium  ion  must  be  220  times  as  concentrated  as  the 
strontium  ion. 

This  method  for  the  identification  of  the  strontium  ion  has 
its  disadvantages.  The  precipitation  of  strontium  sulfate  takes 
place  slowly  because  of  the  low  concentration  of  the  sulfate  ion. 
Also,  if  a  large  concentration  of  the  calcium  ion  is  present  in 
solution,  calcium  sulfate  may  be  precipitated.  It  is  probable, 
however,  that  only  strontium  sulfate  will  be  precipitated  under 
these  conditions.  When  the  precipitate  of  strontium  chromate 
obtained  by  Method  B  is  treated  with  the  mixture  containing 
ammonium  carbonate,  nearly  all  the  strontium  chromate  is  trans¬ 
formed  into  SrC03.  This  transformation  takes  place  on  account 
of  the  low  solubility  of  the  latter  salt. 

According  to  Walden’s  results  the  degree  of  ionization  of  an 
ionogen  in  saturated  solutions  of  its  various  solvents  is  the 
same.  Hence,  if  calcium  sulfate  is  less  soluble  in  a  mixture  of 
alcohol  and  water  than  it  is  in  pure  water,  then  a  volume  of  the 
first  liquid  will  contain  less  calcium  ions  than  an  equal  volume 
of  the  second.  Alcohol  is  used  to  precipitate  calcium  sulfate 
from  a  water  solution.  Since  the  product  of  the  concentrations 
of  the  ions  in  a  water  solution  is  greater  than  the  ion-product 
constant  for  the  salt  in  the  mixture  of  alcohol  and  water,  the 
sulfate  is  more  soluble  in  the  first  solvent  than  in  the  latter. 

It  will  be  found  (p.  72)  that  alcohol  is  used  to  precipitate 
strontium  chromate  from  an  ammoniacal  solution.  Calcium 
chromate  is  far  more  soluble  in  the  mixture  than  SrCrO,,  and 
for  this  reason  the  two  salts  may  be  separated.  It  is  not  surpris¬ 
ing  that  alcohol  should  bring  about  this  separation,  when  we  know 
that  strontium  chromate  is  more  sparingly  soluble  in  alcohol 
than  calcium  chromate. 
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REACTIONS  AND  PROCEDURE  FOR  THE  DETECTION  OF 
THE  IONS  OF  GROUP  IV 

Calcium  ion,  Ca+  + 

Experiment  4.  a.  Determine  the  flame  reaction  of  calcium  by 
heating  a  little  calcium  nitrate  in  a  nonluminous  flame. 

b.  Treat  5  cc.  of  a  solution  of  calcium  chloride  with  an 
equal  volume  of  sodium  hydroxide.  Repeat,  using  ammonium 
hydroxide  instead  of  sodium.  Note  difference  in  results. 

c.  To  a  solution  of  calcium  chloride  add  slowly  dilute  sulfuric 
acid  until  no  further  precipitation  results.  Filter,  and  treat  a  part 
of  the  filtrate  with  three  times  its  volume  of  95  per  cent  alcohol. 
Is  calcium  sulfate  soluble  in  water?  Neutralize  the  other  por¬ 
tion  of  the  filtrate  with  NH4OH  and  add  to  it  an  (NH4)2C204 
solution.  See  table  of  solubilities.  To  solutions  of  magnesium, 
calcium,  strontium,  and  barium  chlorides,  in  separate  test  tubes, 
add,  drop  by  drop,  H2S04,  and  note  critically  any  difference 
in  the  speed  with  which  a  precipitate  is  formed  in  each  case. 
Which  of  the  sulfates  is  the  least  soluble  ?  Is  magnesium  sulfate 
precipitated  ?  See  table  of  solubilities. 

d.  In  like  manner  compare  the  solubilities  of  the  carbonates 
of  the  alkaline  earths.  Use  sodium  carbonate  as  the  reagent. 
What  difference  is  observed  if  a  mixture  of  ammonium  chloride, 
ammonium  hydroxide,  and  ammonium  carbonate  is  employed 
instead  of  the  sodium  carbonate  ?  Test  the  solubility  of  the 
carbonates  in  dilute  acids  and  in  alkalies.  Tabulate  your  results 
in  an  easily  scanned  form. 

e.  Heat  5  cc.  of  a  0.1-normal  solution  of  calcium  chloride 
and  add  to  it  1  cc.  of  a  8-normal  solution  of  ammonium  oxalate 
(NH4)2C204.  Is  the  precipitate  soluble  in  acetic  acid  ?  in  hydro¬ 
chloric  acid  ?  Explain.  What  is  the  least  soluble  salt  of  calcium? 
See  table  of  exact  solubilities. 

/.  Prepare  a  small  quantity  of  calcium  sulfate.  Dissolve  the 
sulfate  in  sulfuric  acid.  Add  to  the  acid  solution  an  equal 
volume  of  95  per  cent  alcohol.  Give  your  observation.  What 
is  the  solubility  of  calcium  sulfate  in  water  ?  Is  the  salt  as 
soluble  in  alcohol  as  it  is  in  water  ? 
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Strontium  ion,  Sr+  + 

Experiment  5.  a.  What  coloration  do  strontium  salts  impart 
to  a  flame?  Use  the  nitrate  or  chloride. 

b.  Add  to  5  cc.  of  a  strontium  chloride  solution  the  same 
number  of  cubic  centimeters  of  saturated  calcium  sulfate  solu¬ 
tion.  Why  is  a  precipitate  formed  under  these  conditions  ? 

c.  Treat  separately  5  cc.  each  of  solutions  of  barium  and 
strontium  chlorides  with  5  cc.  of  acetic  acid  and  30  cc.  of  3-normal 
ammonium  acetate,  and  heat  each  solution  to  boiling.  Add  to  each 
solution,  in  small  portions,  a  3-normal  Iv2Cr04  solution  until  pre¬ 
cipitation  is  complete.  Which  chromate  precipitates  ?  Make  the 
strontium  solution  alkaline  with  NH4OH  and  add  to  it  50  cc.  of 
95  per  cent  alcohol.  Can  barium  be  separated  from  strontium  by 
this  procedure  ?  How  would  a  solution  of  calcium  chloride  behave 
under  these  conditions  ? 

Barium  ion,  Ba+  + 

Experiment  6.  a.  Determine  the  flame  reaction  of  barium  salts. 

b.  Consult  the  table  of  solubilities  and  arrange  the  chromate, 
carbonate,  and  sulfate  of  barium  in  order  of  their  solubilities. 

c.  Try  the  solubility  of  barium  chromate  in  acetic  acid ;  in 
hydrochloric  acid.  Explain  results. 

Magnesium  ion,  Mg+  + 

Experiment  7.  a.  To  10  cc.  of  water  add  a  drop  each  of 
ammonium  hydroxide  and  phenolphthalein.  Note  the  change  in 
color.  To  what  is  it  due  ?  Now  add  to  the  dilute  solution,  drop 
by  drop,  1  or  2  cc.  of  neutral  NH4C1  solution.  What  does  the 
gradual  fading  of  the  color  indicate  in  regard  to  the  concentration 
of  OH-  ?  Test  the  solution  with  litmus.  Which  is  the  more 
sensitive  to  the  hydroxide  ion  —  litmus  or  phenolphthalein  ?  To 
a  molar  solution  of  magnesium  chloride  add  one  third  its  volume 
of  a  solution  of  ammonium  chloride  and  then  NH (OH.  In  what 
way  does  the  ammonium  chloride  prevent  the  precipitation  of 
Mg(OH)2  ?  Explain  fully  the  results  obtained. 

b .  On  basis  of  Exp.  4,  d ,  how  may  magnesium  be  separated 
from  the  other  alkaline-earth  metals? 
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c.  Add  to  5  cc.  of  magnesium  chloride  solution  2  or  3  cc. 
of  ammonium  chloride,  a  little  ammonium  hydroxide,1  and  then 
(NH4)2HP04.  A  white  crystalline  precipitate,  MgNH4P04,  is  a 
confirmatory  test  for  magnesium.  Test  its  solubility  in  dilute 
acids,  including  acetic.  Scratching  with  a  glass  rod  against  the 
side  of  the  tube  hastens  precipitation.  When  the  magnesium 
solution  is  very  dilute,  the  precipitate  is  formed  slowly. 

d.  Test  the  solubility  of  magnesium  oxide  in  water ;  in  sodium 
hydroxide ;  in  hydrochloric  acid.  What  do  the  results  show  in 
respect  to  the  acidic  and  basic  characteristics  of  MgO  ? 

PROCEDURE  II 

Analysis  of  Group  IV 

1.  Add  ammonium  chloride  to  10  cc.  of  the  solution2  (unless 
NH4C1  solution  has  been  previously  added),  and  then  add 
ammonium  hydroxide  to  make  the  reaction  alkaline  to  litmus. 
If  a  precipitate  results,  dissolve  it  in  hydrochloric  acid.  Boil 
the  solution  to  remove  any  C02,  and  again  make  the  solution 
alkaline  with  NH4OH.  This  treatment  should  be  continued 
until  the  addition  of  ammonium  hydroxide  causes  no  precipita¬ 
tion.  Treat  the  solution  with  ammonium  carbonate  until  no 
further  precipitate  is  produced,  when  the  reagent  is  added  to  a 
filtered  portion  of  the  liquid.  Heat  the  mixture  gently  until 
the  precipitate  assumes  a  crystalline  appearance,  and  collect  the 
carbonates  on  a  filter.  Use  a  filter  pump  (see  instructor)  to 
hasten  the  filtration.  (Treat  precipitate  by  Proc.  II,  3.)  Treat 
1  cc.  of  the  filtrate  with  a  drop  or  two  of  sulfuric  acid  and 
note  carefully  whether  a  slight,  fine  white  precipitate 3  forms 
in  the  course  of  two  or  three  minutes.  If  a  precipitate  is 

1  No  precipitate  should  form  upon  the  addition  of  ammonium  hydroxide. 
A  precipitate  at  this  point  indicates  the  lack  of  a  sufficient  amount  of  ammonium 
chloride  in  the  solution. 

2  If  the  solution  is  the  filtrate  from  Group  III,  this  filtrate  should  be  con¬ 
centrated  to  10  cc.  and  filtered  if  necessary,  and  then  treated  according  to 
Proc.  II,  1,  except  for  the  addition  of  NH4C1. 

3  Consult  your  instructor  as  to  the  best  method  of  seeing  a  precipitate  of 
this  nature. 
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produced,  it  is  barium  sulfate.  Add  ammonium  oxalate  to  a 
like  portion  of  the  filtrate.  A  precipitate  would  indicate  cal¬ 
cium  oxalate.  To  confirm  the  presence  of  calcium  collect  the 
precipitate  on  a  filter,  wash  it,  dissolve  it  in  a  few  drops  of 
hydrochloric  acid,  and  test  it  by  the  flame  reaction. 

2.  Identification  of  the  magnesium  ion.  If  traces  of  calcium 
and  barium  are  found  in  the  filtrate,  remove  them  by  the 
addition  of  ammonium  sulfate  and  oxalate  and  subsequent  fil¬ 
tration.  Test  the  filtrate  for  magnesium  by  treating  it  with 
ammonium  phosphate  (Exp.  7,  b').  A  crystalline  precipitate 
shows  the  presence  of  magnesium ;  a  flocculent  one  would 
probably  be  aluminium  phosphate.  Separate  the  precipitate  and 
treat  it  with  acetic  acid.  Magnesium  ammonium  phosphate  is 
dissolved,  while  the  phosphate  of  aluminium  is  not.  The  acetic 
acid  solution  is  filtered  from  any  solid  matter  and  neutralized 
with  NH4OH  ;  a  crystalline  precipitate  shows  the  presence  of 
magnesium.  Test  the  filtrate  after  the  separation  of  magnesium, 
as  MgNH4P04,  for  the  ions  of  Group  V  (Proc.  I). 

3.  Identification  of  the  barium  ion.  Wash  the  ammonium  car¬ 
bonate  precipitate  (Proc.  II,  1)  thoroughly  with  warm  water 
and  dissolve  it  in  from  5  to  15  cc.  of  acetic  acid  by  pouring  the 
acid  repeatedly  through  the  filter.  Evaporate  the  solution  to 
dryness.  Dissolve  the  residue  in  a  mixture  of  3  cc.  of  acetic  acid 
and  35  cc.  of  2-normal  ammonium  acetate.  Heat  the  solution 
to  boiling  and  add  potassium  chromate  to  it  until  precipitation 
is  complete.  (Treat  filtrate  by  Proc.  II,  4.)  Dissolve  the  pre¬ 
cipitate  in  hydrochloric  acid,  evaporate  the  solution  to  dryness, 
and  test  the  residue  for  barium  by  Exp.  6,  a. 

4.  Identification  of  the  strontium  ion  (Method  A).  To  the  filtrate 
from  the  K2Cr04  precipitate  (Proc.  II,  3)  add  ammonium  hy¬ 
droxide  and  carbonate  to  reprecipitate  SrCOg  and  CaC03.  Dis¬ 
solve  the  washed  precipitate  of  calcium  and  strontium  carbonates 
in  acetic  acid  and  divide  the  solution  into  two  portions.  To  one 
portion  add  a  saturated  solution  of  CaS04 ;  boil  the  mixture 
and  allow  it  to  stand  for  ten  minutes.  If  no  precipitate  is 
formed,  treat  the  other  portion  by  Proc.  II,  5.  A  precipitate 
indicates  strontium.  Confirm  the  presence  of  strontium  by  its 
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flame  reaction.1  If  a  precipitate  is  formed,  treat  the  other 
portion  in  a  conical  flask  with  ammonium  sulfate  and  boil  the 
contents  of  the  flask.  After  ten  minutes  filter  and  test  the 
filtrate  for  calcium  (Proc.  II,  5).  This  treatment2  is  unneces¬ 
sary  when  strontium  is  absent. 

Identification  of  the  strontium  ion  ( Method  B).  Add  to  the  filtrate 
from  which  barium  was  precipitated  (Proc.  II,  3)  10  cc.  more 
than  enough  NH4OH  to  change  the  orange  color  of  the  di¬ 
chromate  to  the  yellow  of  the  chromate.  Make  the  volume  up 
to  70  cc.  and  add  slowly  to  the'  solution  (previously  heated 
to  75°)  60  cc.  of  95  per  cent  alcohol.  Shake  the  flask  con¬ 
tinuously  during  the  addition  of  the  alcohol.  Cool  the  mixture 
and  add  to  it  2  or  3  cc.  of  K2Cr04  solution  and  from  6  to  10  cc. 
of  95  per  cent  alcohol.  A  yellow  precipitate  indicates  strontium. 
Collect  it  on  a  filter  and  suck  it  as  dry  as  possible  by  means  of 
a  suction  pump.  Transfer  it  to  a  casserole  and  digest  it  for 
five  minutes  with  25  cc.  of  a  mixture  of  10  cc.  of  (NH4)2C03, 
10  cc.  of  (NH4)2C204,  and  5  cc.  of  K2Cr04,  and  then  filter  and 
wash  the  precipitate  thoroughly  with  water.  Dissolve  any 
strontium  carbonate  which  may  be  formed  in  normal  acetic 
acid  solution  by  pouring  the  acid  repeatedly  through  the  filter. 
Neutralize  the  solution  with  ammonium  hydroxide  and  add  to 
it  an  ammonium  carbonate  solution.  A  white  precipitate  shows 
the  presence  of  strontium.  Use  flame  test  to  confirm  it. 

5.  Identification  of  the  calcium  ion.  Heat  the  filtrate  from 
the  (NH4)2S04  precipitate  (Proc.  II,  4,  Method  A)  or  the 
K2Cr04  precipitate  (Proc.  II,  4,  Method  B)  to  boiling  and  add 
to  it  a  hot  solution  of  ammonium  oxalate.  Allow  the  hot  mix¬ 
ture  to  stand  for  five  minutes.  A  white  precipitate  indicates 
calcium.  Confirm  its  presence  by  dissolving  the  precipitate,  after 
it  has  been  filtered  and  washed,  in  5  cc.  of  cold  H„  SO,  and 
adding  to  the  acid  solution  three  times  its  volume  of  95  per  cent 
alcohol.  A  white  precipitate  is  calcium  sulfate.  Also,  the 
presence  of  calcium  may  be  confirmed  by  dissolving  the  calcium 

1  Boil  the  precipitate  with  a  concentrated  solution  of  Na2C03.  Filter  and 
thoroughly  wash  the  precipitate.  Dissolve  it  in  the  least  amount  of  nitric  acid 
and  make  the  flame  test  with  the  solution. 

2  The  addition  of  ammonium  sulfate  is  unnecessary  if  Sr++  is  absent. 
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oxalate  precipitate  in  2  cc.  of  hydrochloric  acid  and  testing  the 
solution  by  Exp.  4,  a. 

Ask  your  instructor  for  an  unknown  and  analyze  it  for  the 
metal  ions  of  Group  IV. 

Obtain  an  unknown  and  analyze  it  for  the  metal  ions  of 
Groups  IV  and  V. 

QUESTIONS 

1.  In  what  ways  can  the  ionization  of  hydrocyanic  acid  be  re¬ 
pressed  ?  Does  the  addition  of  HC1  to  water  repress  the  ionization 
of  the  latter  ?  Express  each  case  mathematically. 

2.  Sum  up  the  facts  in  regard  to  the  theory  of  precipitation. 

3.  If  to  a  liter  of  0.1-normal  ammonium  hydroxide  5.35  g.  of  solid 
ammonium  chloride  is  added,  will  the  mixture  precipitate  magnesium 
hydroxide  from  a  0.1-molar  solution  of  magnesium  sulfate  ? 

4.  If  we  consider  that  barium  sulfate,  in  a  saturated  solution,  is 
completely  ionized,  what  concentration  of  the  strontium  ion  is  neces¬ 
sary  in  order  that  a  condition  of  equilibrium  may  exist  between  the 
solid  sulfates  of  the  two  metals  and  the  supernatant  liquid  ? 

5.  Why  are  tests  made  for  traces  of  the  barium  and  calcium  ions 
in  the  filtrate  from  the  ammonium  carbonate  precipitate  (Proc.  II,  1), 
and  not  of  the  strontium  ion  ? 

6.  Why  is  it  necessary  to  digest  the  strontium  chromate  precipi¬ 
tate  obtained  by  Method  B  (Proc.  II,  4)  with  a  mixture  of  ammonium 
carbonate,  ammonium  oxalate,  and  potassium  chromate  ? 

7.  Why  should  the  test  for  the  magnesium  ion  be  made  in  a 
strongly  ammoniacal  solution  and  in  a  cool  solution  ?  Consider  the 
hydrolysis  of  MgNH4P04  and  its  solubility  in  water.  This  salt  has 
a  tendency  to  form  a  supersaturated  solution. 

8.  Why  should  the  confirmatory  test  for  the  calcium  ion  be  made  ? 
Look  up  the  solubility  of  strontium  oxalate. 

9.  What  elements,  other  than  barium,  give  a  green  flame  reaction  ? 
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HYDROLYSIS,  AMPHOTERISM,  OXIDATION  AND 
REDUCTION,  AND  GROUP  III 

Hydrolysis 

Hydrolysis  is  a  special  type  of  double  decomposition  in  which 
water  is  one  of  the  reacting  substances.  The  ionization  of  water 
is  very  slight,  but  notwithstanding  this  fact  there  are  many 
instances  in  which  its  action  is  quite  pronounced.  Consequently 
the  action  of  the  ions  of  water  must  be  taken  into  consideration. 
It  is  evident  that  in  an  aqueous  solution  of  sodium  chloride  the 
chloride  ions  unite  with  the  hydrogen  ions  to  produce  undisso¬ 
ciated  hydrogen  chloride.  Likewise  the  hydroxyl  ions  and  the 
sodium  ions  combine.  Both  these  reactions  are  very  slight, 
and  at  no  time  is  more  than  a  mere  trace  of  either  hydrogen 
chloride  or  sodium  hydroxide  present  in  solution.  These  sub¬ 
stances  are  about  equally  ionized,  and  their  concentrations  are 
very  nearly  the  same.  Now,  since  both  compounds  are  highly 
ionized,  the  hydrogen  and  hydroxyl  ions  produced  by  them 
will  unite  to  form  little-ionized  water.  An  aqueous  solution 
of  sodium  chloride,  therefore,  does  not  contain  an  excess  of 
either  hydrogen  ions  or  hydroxyl  ions,  and  hence  its  reaction 
is  neutral.  From  the  foregoing  consideration  we  conclude  that 
a  salt  of  an  active  acid  and  an  active  base,  such  as  sodium  chlo¬ 
ride,  is  hydrolyzed  to  a  very  small  degree,  and  that  its  aqueous 
solution  is  neutral. 

Hydrolysis  of  salts  derived  from  active  bases  and  weak  acids. 

In  principle  the  hydrolysis  of  these  salts  is  the  same  as  we 
have  given  for  sodium  chloride,  but  in  extent  it  is  quite  dif¬ 
ferent.  Sodium  sulfide  is  a  salt  of  this  class,  and  in  general  its 
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hydrolysis  will  illustrate  the  action  of  water  on  the  kind  of 
salts  under  consideration.  Name  another  salt  of  this  class. 

Pure  water  contains  hydroxyl  ions  and  hydrogen  ions  in 
chemically  equivalent  proportions,  and  all  truly  neutral  solutions 
contain  these  ions  in  the  same  concentration  as  water.  The  con¬ 
centration  of  each  ion  in  pure  water  at  18°  is  6.8  xlO-8;  at 
25°,  1  xlO-7.  According  to  the  theory  of  ionization  and  the 
law  of  chemical -equilibrium,  in  dilute  solution  and  at  a  given 
temperature  the  product  of  the  concentration  of  the  hydroxyl 
ion  and  the  hydrogen  ion  must  give  the  value  for  the  ion-product 
constant  for  water.  At  25°  this  constant  is  (lxlO-7)2,  or 
lxl0~14.  At  this  temperature  all  solutions  with  a  smaller 
concentration  of  the  hydrogen  ion  than  1  x  10“ 7  are  alkaline. 

Sodium  hydroxide  is  a  highly  ionized  base,  and  in  dilute 
solution  the  greater  part  of  it  is  in  the  ionic  condition.  Hydro¬ 
gen  sulfide  is  a  weak  acid  and  ionizes  to  only  a  very  slight 
extent.  When  sodium  sulfide  (Na2S)  is  dissolved,  in  water,  it  is 
hydrolyzed  according  to  the  equation 

Na2S  2  Na+  +  S=  ) _ ^ 

H20  OH-  +  H+  I  ■* 

The  value  of  the  primary  ionization  constant  of  hydrogen 
sulfide  is  9.1  x  10“ 6 ;  that  of  the  secondary  ionization  constant  is 
1.2  xlO-15.  It  is  seen  that  the  secondary  ionization  constant 
for  hydrogen  sulfide  is  less  than  the  ionization  constant  for  pure 
water.  Hence  HS-  does  not  give  as  great  a  concentration  of 
the  hydrogen  ion  as  water,  and  consequently  the  hydrogen  ions 
which  are  produced  by  the  latter  substance  are  used  up  in  the 
formation  of  the  less-ionized  hydrosulfide  ion.  This  process 
continues  until  the  normal  sulfide  is  converted  to  a  great  extent 
into  sodium  hydrogen  sulfide.  The  process  does  not  stop  here, 
for  sodium  hydrogen  sulfide  is  hydrolyzed  to  the  extent  of  0.14 
per  cent  in  a  0.1-normal  solution. 

A  water  solution  of  sodium  sulfide  is  strongly  alkaline.  Since 
this  sulfide  is  a  typical  example  of  the  salts  in  question,  we  may 
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draw  the  general  conclusion  that  a  normal  salt  of  an  active  base 
and  a  weak  acid  is  more  or  less  hydrolyzed  and  gives  an  alkaline 
solution. 

Hydrolysis  of  salts  derived  from  active  acids  and  weak  bases. 

Similar  relations  hold  for  the  hydrolysis  of  these  salts  as  for  those 
derived  from  active  bases  and  weak  acids.  They  are  hydrolyzed 
to  a  greater  or  less  degree.  In  this  case  the  concentration  of  the 
hydrogen  ion  becomes  greater  than  that  of  the  hydroxyl  ion, 
and  hence  the  solution  of  such  a  salt  gives  an  acid  reaction. 

Hydrolysis  of  salts  derived  from  weak  acids  and  weak  bases. 
In  this  case  the  cations  and  anions  of  the  salt  unite  respectively 
with  the  hydroxyl  ions  and  hydrogen  ions  of  water  to  produce 
an  inactive  acid  and  a  weak  base.  The  ions  of  water  are  removed, 
and,  as  they  are  regenerated,  there  is  no  accumulation  of  a  common 
ion  to  repress  this  ionization.  Hence,  under  these  conditions,  the 
hydrolysis  takes  place  to  a  greater  degree  than  in  any  of  the 
other  cases.  The  hydrolysis  of  such  salts  is  promoted  when  one 
of  the  products  precipitates  or  is  evolved  as  a  gas. 

The  hydrolysis  of  aluminium  sulfide  illustrates  the  foregoing 
facts.  This  salt  is  derived  from  a  weak  base,  Al(OH)3,  and  a 
weak  acid,  H2S.  When  a  piece  of  anhydrous  aluminium  sulfide 
is  placed  in  water,  a  precipitate  of  aluminium  hydroxide  is  formed 
and  the  process  is  accompanied  by  the  evolution  of  hydrogen 
sulfide : 


^2^3  solid 


6HOH 


:^Al+tt  +  3r 
6  OH"  4-  6  H+ 


ti  ti 

2  Al(OH)8  3  H2S 


In  general  salts  derived  from  very  weak  acids  and  very  weak 
bases  are  quite  readily  hydrolyzed,  and  the  reaction  is  promoted 
if  a  difficultly  soluble  product,  a  gaseous  substance,  or  both  are 
formed.  It  may  be  pointed  out  that  some  salts  of  this  class 
(for  example,  copper  sulfide)  are  so  insoluble  that  they  are 
hydrolyzed  hardly  at  all. 
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Amphoterism 

An  interesting  ancl  analytically  important  class  of  compounds, 
which  are  capable  of  acting  both  as  acids  and  as  bases,  are 
known  as  amphoteric  electrolytes.1  Aluminium  hydroxide  is 
a  typical  example  of  these  substances.  Such  a  substance  ionizes 
both  as  an  acid  and  as  a  base.  But,  as  we  have  previously 
pointed  out,  the  product  of  the  concentrations  of  the  hydrogen 
ion  and  the  hydroxyl  ion  in  any  solution  is  constant,  and  the 
value  of  this  constant  at  25°  is  1  x  10-14,  or  that  of  water. 
This  fact  gives  us  a  hint  as  to  the  peculiar  behavior  of  an 
amphoteric  substance  in  aqueous  solution. 

Since  aluminium  hydroxide  ionizes  both  as  a  base  and  as  an 
acid,  we  may  express  its  double  dissociation  as  follows: 

A1+++  +  8  OH"  +=t  Al(OH)8  ^  H+  +  A102-  +  H20. 

As  in  the  case  of  polybasic  acids,  the  ionization  takes  place  in 
steps.  The  primary  ionization  of  aluminium  hydroxide  is  ex¬ 
ceedingly  small,  and  its  secondary  or  tertiary  dissociation  is 
negligible  (pp.  48  et  seq.).  Furthermore,  the  ion  H2A103“  loses 
water  to  give  A102_.  From  an  inspection  of  the  foregoing 
double  equilibrium  equation  it  may  be  inferred  that  aluminium 
hydroxide  is  soluble  in  either  an  active  acid  or  base.  Such  is 
the  case  as  illustrated  by  the  equations 

Al(OH)g  +=>  Al+++  +  8  OH- 
3HC1^=2:8C1-  +  8H+ 

n  ii 

A1C13  3  HOH 

and  Al(OH)8  T=±:  H+  +  AlO"  +  H20 

NaOH  +=±  OH-  +  Na+ 

ii  ii 

HOH  NaA102 

1  Walker,  "Theory  of  Amphoteric  Electrolytes,”  Proceedings  of  the  Royal 
Society,  73,  155  (1904)  ;  ibid.,  74,  271  (1904). 
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Hence  it  is  possible  to  have  aluminium  in  the  form  of  soluble 
salts  in  both  acid  and  alkaline  solutions.  If  aluminium  hy¬ 
droxide  were  equally  ionized  as  an  acid  and  as  a  base,  then 
the  concentration  of  the  hydrogen  and  hydroxyl  ions  in  an 
aqueous  solution  would  be  the  same  as  for  water,  and  the 
ideal  condition  for  the  precipitation  of  the  hydroxide  would 
be  in  an  absolutely  neutral  solution.  It  is,  however,  more 
active  as  a  base  than  as  an  acid ;  that  is,  it  gives  a  somewhat 
greater  concentration  of  OH-  and  a  smaller  concentration  of 
H+  than  does  water.  Since  this  is  the  case,  and  since  the  pre¬ 
cipitation  of  aluminium  hydroxide  depends  upon  the  product 
of  the  concentration  of  the  aluminium  ion  and  the  cube  of  the 
concentration  of  the  hydroxyl  ion,  the  hydroxide  is  best  pre¬ 
cipitated  in  a  slightly  alkaline  solution.  This  means  that  there 
is  less  likelihood  of  dissolving  aluminium  hydroxide  in  a  slightly 
alkaline  medium  than  in  a  slightly  acid  one,  for  its  acidic 
property  is  less  pronounced  than  its  basic.  In  other  words,  it 
requires  a  higher  concentration  of  the  OH-  to  dissolve  alu¬ 
minium  hydroxide  as  an  aluminate  than  it  does  of  the  H+  to 
dissolve  it  as  an  aluminium  salt  such  as  the  chloride,  sulfate, 
or  nitrate.  Hence  ammonium  hydroxide,  unless  it  is  very 
concentrated,  does  not  dissolve  aluminium  hydroxide  to  any 
appreciable  extent.  Furthermore,  ammonium  aluminate  is  a 
salt  of  a  weak  base  and  an  exceedingly  weak  acid,  and  for 
this  reason  it  would  be  hydrolyzed  almost  completely  except 
in  the  presence  of  a  large  excess  of  ammonium  hydroxide. 

The  hydrogen  ion  which  is  produced  by  the  ionization  of 
Al(OH)3  as  an  acid  combines  with  the  hydroxyl  ion  derived 
from  NH4OH  to  form  water,  and  in  this  way  causes  more 
aluminium  hydroxide  to  dissolve.  The  process  continues  after 
the  addition  of  ammonium  hydroxide  until  the  value  of 
CH+  X  CAio2-  reaches  that  of  the  ion-product  constant.  Since  in 
a  saturated  solution  of  Al(OH)3,  CH+-  X  CAK)2-  =  a  constant,  and 
since  the  conditions  expressed  by  the  equations  CH+  X  C0h-  = 
and  CNH4+  X  COH-  =  x  CNIl40H  must  be  fulfilled,  it  is  evident 
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from  the  combination  of  these  equations  that 


'A102- 


K  x  C 

and  also  that  CA102-  =  — 


NH40H  1 


Cnh4+ 


^OH- 

The  expression 
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gests  that  the  amount  of  aluminium  dissolved  as  the  aluminate 
is  proportional  to  the  concentration  of  the  hydroxyl  ion.  Hence 
aluminium  hydroxide  is  much  more  soluble  in  a  highly  ionized 
base  such  as  sodium  hydroxide  than  in  a  weak  base  like  NH4OH. 
The  last  equation  indicates  that  the  solubility  of  Al(OH)3  in 
a  solution  containing  ammonium  hydroxide  and  an  ammonium 
salt,  such  as  NH4C1,  is  directly  proportional  to  the  ratio  of  the 
concentration  of  the  hydroxide  to  that  of  the  salt,  since  the 
greater  portion  of  the  ammonium  ions  are  produced  by  the  salt. 
As  we  have  seen,  ammonium  salts  repress  the  ionization  of 
ammonium  hydroxide. 

Most  of. the  elements  whose  hydroxides  are  pronouncedly 
amphoteric  are  situated  near  the  middle  of  the  periodic  system 
as  arranged  by  Mendeleeff.  In  general  the  lower  hydroxides 
(or  oxides)  of  an  element  are  less  acidic  than  the  higher  hydrox¬ 
ides.  Thus,  for  example,  stannous  hydroxide  is  far  more  basic 
than  stannic  hydroxide.  Stannous  and  stannic  hydroxides  dis¬ 
solve  in  sodium  hydroxide,  giving  sodium  stannite  and  sodium 
stannate  respectively.  At  the  same  concentration  the  stannite 
is  more  completely  hydrolyzed  than  the  stannate.  Why  is  this 
true  ?  The  amphoteric  character  of  the  elements  becomes  less 
pronounced  as  we  go  in  a  given  series  from  its  center  toward 
either  end.  The  change  is,  on  the  one  hand,  to  elements  whose 
hydroxides  become  more  basic ;  on  the  other  hand,  to  elements 
whose  hydroxides  become  more  acidic.  It  is  questionable  whether 
in  any  hydroxide  either  the  acidic  or  the  basic  character  is 
entirely  lacking.2  Of  the  characteristically  amphoteric  hydrox¬ 
ides  we  may  mention  those  of  aluminium,  chromium,  zinc,  lead, 
tin,  and  antimony. 


1  Noyes,  Bray,  and  Spear,  Journal  of  the  American  Chemical  Society ,  30 
(1908),  496,  533. 

2  Abegg,  Zeitschrift  fur  anorganische  und  allgemeine  Chemie ,  39  (1904),  330. 
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Oxidation  and  Reduction 

Definition.  The  term  oxidation  is  used  here  in  its  broadest 
sense  and  includes  all  chemical  changes  in  which  an  element  loses 
one  or  more  electrons.  Reduction  is  the  converse  of  this,  and 
consequently  the  two  actions  must  take  place  simultaneously ; 
that  is,  each  oxidation  is  accompanied  by  the  reduction  of  the 
oxidizer.  Hence,  oxidation  results  in  increasing  the  active  posi¬ 
tive  valence  of  an  element,  and  the  total  amount  of  oxidation 
produced,  in  any  case,  is  equivalent  to  the  total  amount  of 
reduction.  Such  reactions  are  associated  with  a  change  in 
valence  in  such  a  way  that  the  algebraic  sum  of  the  negative 
and  positive  valences  of  the  elements  in  a  given  system  is 
always  equal  to  zero.  Accordingly,  an  uncombined  element 
has  no  active  valence ,  or,  in  other  words,  it  has  neither  lost  nor 
gained  an  electron.  But  in  a  simple  substance  such  as  chlorine, 
whose  molecules  consist  of  two  atoms,  it  may  be  considered  that 
the  atoms  are  held  together  by  forces  of  opposite  polarity,  Cl+  “Cl. 
Again,  oxidation  may  be  defined  as  a  chemical  action  by  which 
the  proportion  of  the  negative  element  under  consideration  is 
increased  or  the  proportion  of  the  positive  element  is  decreased. 
According  to  the  electronic  conception  of  the  constitution  of 
matter,  oxidation  and  reduction  are  electrical  phenomena. 

Oxidation-reduction  reactions.  All  varieties  of  chemical  change 
may  involve  oxidation  and  reduction,  except  double  decomposi¬ 
tion  and  substitution.  Combination  usually  involves  oxidation 
and  reduction :  2  Mg  +  02  =  2  MgO. 

In  this  case  of  oxidation  the  magnesium  has  lost  two  electrons : 1 

Mg°  -  2  (e)  =  Mg2+. 

Combination  may  take  place,  however,  without  either  of  the 
reacting  substances  being  oxidized  or  reduced.  Thus,  when 

1  The  symbol  Mg2+  indicates  that  the  magnesium  atom  has  lost  two  elec¬ 
trons.  It  should  not  be  confused  with  the  symbol  Mg++,  which  is  used  to 
indicate  the  magnesium  ion. 
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water  combines  with,  sulfur  trioxide  (H20  -f  S03  =  H2S04)  to 
form  hydrogen  sulfate,  or  when  ammonia  unites  with  hydrogen 
chloride  to  form  ammonium  chloride,  neither  of  the  changes  is 
looked  upon  as  an  oxidation-reduction  reaction,  because  there  is 
no  change  in  the  active  valence  of  any  of  the  constituent  elements. 

Displacement  reactions  are  accompanied  by  oxidation  and 
reduction.  For  examples  we  have 

(a)  n2S04  +  Zn  =  ZnS04  +  H2 

or  2  H+  +  SO  =  +  Zn°  I  H°  +  Zn+  +  +  SO  =  ; 

(&)  2KI  +  C12  =  I2  +  2KC1 

or  2  K+  +  21-  +  Cl2°  =  2  K+  +  2  Cl"  +  Ia° ; 

0)  H2S+I2  =  S  +  2HI 

or  2  H+  +  S=  + 12°  =  S°  +  2  H+  +  2 1~. 

A  free  element  may  oxidize  or  reduce  an  element  in  a  compound 
without  liberating  it  in  the  free  state.  Thus,  when  a  piece  of 
silver  is  placed  in  a  solution  of  mercuric  nitrate,  it  dissolves : 


Hg(N03)2  +  Ag  =  HgNOs  +  AgNOs ; 

and  if  the  reaction  is  expressed  in  terms  of  the  ionic  theory,  it 
becomes  Hg++  +  Ago  =  Hg+  +  Ag+> 

where  NO  "  is  omitted,  since  it  is  unchanged.  Again,  the  reaction 
between  ferrous  chloride  and  chlorine  may  be  expressed  by  the 
equation  2  +  Cl2  =  2  FeCl, 

and  also  in  other  terms: 


2  Fe++  +  Cl2°  =  2  Fe+  +  +  +  2  CD. 

In  one  case  the  silver  reduces  the  mercuric  ion,  and  in  the  other, 
chlorine  oxidizes  the  ferrous  ion. 

In  some  cases  two  compounds  interact  to  form  two  different 
compounds  without  undergoing  double  decomposition.  This 
type  of  reaction  is  exemplified  when  mercuric  chloride  is  treated 
with  stannous  chloride.  The  expression  for  the  change  is 

SnCl2  +  2  HgCl2  =  SnCl4  +  2  HgCl 
2  Hg+  +  +  Sn+  +  =  2  Hg+  +  Sn+  +  +  +. 


or 
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This  reaction  is  used  as  a  test  for  stannous  tin  or  mercuric 
mercury.  It  is  seen  that  in  this  case  the  result  is  a  change  of 
the  charges  of  the  two  ionic  materials,  the  mercuric  ion  and 
the  stannous  ion. 

Another  variety  of  oxidation-reduction  reactions  is  found 
in  the  destruction  and  the  formation  of  compound  ions.  The 
destruction  of  a  compound  ionic  substance  is  observed  when 
concentrated  sulfuric  acid  is  treated  with  hydrogen  iodide : 

H2S04  +  8  HI' =  H2S  +  4  H20  +  4 12. 

The  oxidizing  action  of  sulfuric  acid  depends  upon  the  fact  that 
the  sulfur  of  the  acid  may  be  changed  to  a  lower  state  of  oxida¬ 
tion.  In  the  sulfate  ion  the  sulfur  has  a  positive  valence  of  six. 
At  times  the  sulfur  is  reduced  to  a  positive  valence  of  four,  and 
in  some  cases  to  the  free  state.  The  degree  to  which  it  is  reduced 
depends  upon  the  reducing  agent.  A  number  of  equations  repre¬ 
senting  reactions  of  this  variety  will  be  given  with  the  purpose 
of  illustrating  the  method .  of  balancing  equations  by  making 
use  of  the  changes  in  valence  brought  about  by  the  transference 
of  electrons. 

Oxidation  by  permanganate.  The  oxidizing  capacity  of  a  mole¬ 
cule  of  a  substance  may  be  considered  as  the  total  number  of  elec¬ 
trons  received  by  it  from  the  reducing  agent.  The  oxidizing 
action  of  a  permanganate  depends  upon  the  readiness  with  which 
the  manganese  of  the  permanganate  ion  gains  electrons.  In  this 
ion  the  manganese  has  a  positive  valence  of  seven,  and  in  acid 
solutions  it  is  reduced  to  a  bivalent  cation ;  this  change  corre¬ 
sponds  to  a  gain  of  five  electrons.  When  hydrogen  sulfide  is 
passed  into  a  solution  of  potassium  permanganate  acidulated  with 
sulfuric  acid,  the  sulfide  ion  (S=)  is  oxidized  to  free  sulfur  with 
the  loss  of  two  electrons.  Now,  since  each  atom  of  manganese 
in  the  permanganate  gains  five  negative  electrons,  and  each  atom 
of  sulfur  in  hydrogen  sulfide  loses  two,  the  reaction  must  take 
place  between  the  two  substances  in  the  proportion  of  two  molecules 
of  the  former  material  to  five  of  the  latter .  Ten  is  the  least  common 
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multiple  of  two  and  five,  and  the  coefficients  of  the  two  molecu¬ 
lar  substances  are  found  by  dividing  ten  by  two  for  hydrogen 
sulfide  and  ten  by  five  for  potassium  permanganate.  Enough 
sulfuric  acid  is  required  to  form  potassium  acid  sulfate  and 
manganous  sulfate.  Thus  we  have  for  the  reaction  the  equation 

2  KMn04  +  5  H2S  +  4  H2S04 

=  2  KHS04 -f  2  MnS04  +  5  S  +  8  H20 
or  2  Mn7+  +  5  S=  =  2  Mnt+  -f  5  S°. 

A  permanganate  acts  as  an  oxidizing  agent  in  an  alkaline  solu¬ 
tion,  but  in  this  case  the  valence  of  the  manganese  is  reduced  to 
4  -f  with  the  formation  of  manganese  dioxide. 

Oxidation  by  dichromate.  Oxidation  with  a  dichromate  is  car¬ 
ried  out  in  an  acid  solution  and  ordinarily  results  in  the  forma¬ 
tion  of  the  chromic  ion,  Cr+  +  +.  In  a  dichromate  the  chromium 
has  a  positive  valence  of  six,  as  may  be  seen  from  an  inspection 
of  the  formula  of  potassium  dichromate,  K2Cr207.  Each  oxygen 
has  a  negative  valence  of  two ;  seven  oxygens,  a  total  negative 
valence  of  fourteen.  Since  only  two  of  these  negative  charges 
are  satisfied  by  the  two  positive  charges  on  the  potassium  atoms, 
the  remaining  twelve  negative  charges  must  be  taken  care  of  by 
the  two  chromium  atoms  with  six  positive  charges  each.  From 
this  it  follows  that  in  the  reduction  of  a  dichromate  ion  each 
chromium  atom  in  the  ion  gains  three  electrons : 

K2Cr207  +  3H2S  + 5H2S04 

=  3  S  +  2  KHS04  +  Cr2(S04)3  +  7  H20  ; 
2  Cr6+  +  3  S=  =  2  Cr+  +  +  +  3  S°. 


Here  the  six  negative  electrons  acquired  by  the  chromium  are 
furnished  by  the  six  negative  charges  of  the  three  sulfide  ions. 

Oxidation  by  nitric  acid.  The  nitrogen  of  nitric  acid  has  a 
positive  valence  of  five.  Dilute  nitric  acid,  when  it  oxidizes,  is 
decomposed,  and  one  of  the  products  of  the  reaction  is  usually 
nitric  oxide  (NO)  ;  concentrated  nitric  acid  yields,  for  the  most 
part,  nitrogen  dioxide  (N02).  In  the  first  case  the  valence  of 
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the  nitrogen  is  reduced  from  five  to  three ;  in  the  second,  from 
five  to  four.  When  arsenous  sulfide  is  heated  with  concentrated 
nitric  acid,  it  dissolves  quite  readily,  with  the  formation  of  arsenic 
acid  and  sulfuric  acid.  The  three  sulfide  ions  are  oxidized  from 
the  negative  valence  of  two  to  the  positive  valence  of  six ;  the 
arsenous  arsenic,  from  the  positive  valence  of  three  to  five.  Each 
sulfur  atom  of  the  sulfide,  therefore,  loses  eight  negative  charges 
(loses  eight  electrons),  and  three  such  atoms  lose  twenty-four 
negative  charges.  In  changing  from  the  valence  of  three  to  five 
each  of  the  two  arsenous  ions  loses  two  electrons,  —  four  in  all. 
The  total  number  of  electrons  lost  by  a  single  molecule  of  arse¬ 
nous  sulfide  is  the  sum  of  four  and  twenty-four,  or  twenty-eight. 
Hence  it  will  take  twenty-eight  molecules  of  concentrated  nitric 
acid  to  oxidize  a  single  molecule  of  the  sulfide,  since  each  atom  of 
nitrogen  gains  only  one  electron : 

As2S3  -f  28  HN03  =  2  H3As04  +  3  H2S04  +  28  N02  +  8  H20  ; 

2  As+  +  +  +  3  S=  +  28  N5+  =  2  As5+  +  3  S6+  +  28  N4+. 

SPECIFIC  ELECTRODE  POTENTIALS  OR  OXIDATION 
POTENTIALS 

It  may  be  apparent  from  the  foregoing  considerations  that  in 
general  the  balancing  of  chemical  equations  is  a  simple  matter, 
provided  that  in  each  case  the  interacting  and  resulting  sub¬ 
stances  of  a  reaction  which  the  equation  expresses  are  known. 
When  two  or  more  given  substances  interact,  is  there  any  way 
of  predicting  the  products  of  the  reaction  ?  In  many  cases  there 
is,  if  we  are  familiar  with  the  nature  of  the  materials  with  which 
we  are  dealing.  For  instance,  it  is  a  general  rule  that  metals 
above  hydrogen  in  the  electromotive  series  are  soluble  in  acids 
such  as  hydrochloric,  while  those  metals  below  hydrogen  are 
not  acted  upon  by  non  oxidizing  acids.  It  is  also  a  familiar 
fact  that  a  free  halogen  of  a  less  atomic  weight  will  oxidize 
the  ions  of  another  of  greater  weight;  that  is  to  say,  chlorine 
will  liberate  iodine  from  a  solution  of  an  iodide. 
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As  a  rule  zinc  will  displace  copper  from  a  salt  of  the  latter. 
In  such  a  process  zinc  is  oxidized  to  the  zinc  ion,  and  the 
cupric  ion,  the  oxidizing  agent,  is  reduced  to  the  metallic  state. 
Copper  is  capable,  however,  of  reducing  the  mercuric  ion  to  free 
mercury.  It  is  seen  that  some  substances  have  higher  oxidizing 
potentials  than  others ;  that  of  cupric  ion  is  greater  than  that  of 
zinc  ion  but  less  than  that  of  mercuric  ion.  Nitric  acid  oxidizes 
more  vigorously  than  sulfuric  acid. 

A  chlorine  atom  has  a  great  tendency  to  acquire  an  electron. 
It  may,  however,  lose  an  electron  and  become  positive,  as  it  is 
in  hypochlorous  acid  or  in  a  hypochlorite.  In  this  state  of  oxida¬ 
tion  the  chlorine  atom  is  in  a  receptive  condition  for  one  or  two 
electrons,  and  consequently  it  acts  as  a  powerful  oxidizer.  The 
iodine  atom  does  not  possess  to  as  great  a  degree  as  the  chlorine 
atom  the  power  to  gain  an  electron.  The  natural  inference 
from  this  is  that  positive  iodine  has  a  lower  oxidizing  potential 
than  positive  chlorine.  Accordingly,  we  are  able  to  understand 
why  chlorine  displaces  iodine  from  an  iodide  and  why  zinc  pre¬ 
cipitates  copper  from  a  solution  of  a  cupric  salt.  It  is  clear 
that  iodine  may  displace  chlorine  if  the  latter  is  in  the  positive 
state  of  oxidation. 

The  foregoing  examples  indicate  the  application  of  oxidation 
potentials.  These  potentials  assist  us  in  predicting  and  explain¬ 
ing  many  of  the  reactions  in  qualitative  chemical  analysis.  Hence 
we  shall  consider  them  more  specifically  and  at  greater  length. 

The  metals,  when  placed  in  pure  water,  show  a  greater  or  less 
tendency  to  dissolve.  The  metals  are  oxidized  by  the  hydrogen 
ions  of  the  water  to  the  extent  that  they  are  converted  into 
metal  ions.  The  tendency  of  any  metal  to  dissolve  is  called  its 
solution  pressure.  The  solution  pressure  for  a  given  metal  has  a 
definite  value.  The  value  of  the  pressure  becomes  pronouncedly 
less  as  we  pass  through  the  electromotive  series  from  caesium 
to  gold. 

If  a  metal  is  brought  in  contact  with  a  solution  containing  its 
ions,  the  ions  tend  to  become  nonionic  and  to  be  deposited  as 
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metal.  This  tendency  opposes  that  of  the  solution  pressure  of 
the  metal.  Whenever  the  diffusion  pressure  (deposition  pres¬ 
sure)  of  the  ions  is  the  greater  of  the  two,  the  deposition  of  the 
metal  is  more  rapid  than  its  solution.  This  results  in  the  metal 
becoming  positively  charged  and  the  solution  negatively  charged. 
The  converse  of  this  is  equally  true.  For  example,  if  a  rod  of 
zinc  is  placed  in  -a  solution  of  any  of  its  readily  soluble  salts, 
say  the  sulfate,  the  solution  pressure  of  the  zinc  is  greater  than 
the  diffusion  pressure  of  the  ions,  and  consequently  more  zinc 
ions  are  produced  than  are  discharged.  As  a  result  the  zinc  rod 
becomes  negatively  charged  and  the  solution  positively  charged. 
As  the  zinc  is  converted  into  ions  these  charges  increase,  and 
the  electromotive  force  produced  thereby  assists  the  diffusion 
pressure  of  the  zinc  ions  in  forcing  these  ions  back  upon  the 
metal.  Thus  a  condition  of  equilibrium  is  established  when  the 
resultant  of  these  two  forces  is  equal  to  the  solution  pressure. 

If,  however,  a  piece  of  copper  is  brought  in  contact  with  a 
solution  containing  its  ions,  the  ions  will  discharge  themselves 
and  the  metal  will  be  deposited  more  rapidly  than  it  is  dis¬ 
solved,  unless  the  solution  is  one  of  extreme  dilution.  Hence, 
as  a  rule,  the  copper  will  become  positively  charged.  The  solu¬ 
tion,  since  it  loses  more  positive  ions  than  it  receives  from  the 
copper,  takes  on  a  negative  charge.  The  potential  difference 
between  a  metal  and  a  solution  of  its  ions  is  said  to  be  positive 
when  the  charge  on  the  metal  is  negative,  and  to  be  negative 
when  the  metal  is  positively  charged. 

Usually,  when  a  metal  is  brought  in  contact  with  a  solution 
containing  its  ions,  a  difference  in  potential  is  established  be¬ 
tween  the  two.  The  cause  of  this  potential  is  to  be  attributed 
to  the  difference  of  the  solution  pressure  of  the  metal  and  the 
diffusion  pressure  of  the  ions.  In  most  cases  a  condition  of 
equilibrium  is  soon  reached  between  these  two  opposing  tend¬ 
encies.  It  is  evident  that  this  simple  arrangement  is  only  a  very 
temporary  source  of  electricity.  A  more  permanent  one,  how¬ 
ever,  results  when  two  metals  (for  example,  zinc  and  copper) 
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are  introduced  into  solutions  containing  their  respective  ions 
and  the  two  solutions  are  prevented  from  mixing  by  a  suitable 
porous  partition.  If  the  two  metals  are  connected  by  a  con¬ 
ducting  wire,  the  current  flows  in  the  direction  of  the  lower 
potential.  The  charges  on  the  two  poles  are  being  continuously 
removed,  and  the  porous  partition  allows  the  free  passage  of  the 
ions.  The  zinc  goes  into  solution  and  the  copper  ions  continue 
to  deposit  themselves  as  metal,  thereby  keeping  up  a  difference 
of  potential  between  the  two  metals.  The  process,  therefore, 
will  continue.  This  explanation  of  the  origin  of  the  electromo¬ 
tive  force  of  cells  was  first  offered  by  Nernst. 

In  the  following  table  of  oxidation  potentials  is  given  the 
potential  of  solutions  of  molar  ionic  concentrations  in  contact 
with  metals,  and  the  corresponding  values  for  the  nonmetallic 
ions.  From  the  figures  given  for  the  potentials  at  molar  con¬ 
centrations  the  values  at  other  dilutions  may  be  calculated. 

SPECIFIC  ELECTRODE  POTENTIALS  OR  OXIDATION  POTENTIALS 


Original 

Substance 

Resulting 

Substance 

Potential 
in  Volts 

Original 

Substance 

Resulting 

Substance 

Potential 
in  Volts 

K° 

K+ 

4-  2.931 

As0 

As+  +  + 

-  0.29 

Na° 

Na+ 

+  2.721 

Cuo 

Cu+  + 

-  0.34 

i  Ba° 

Ba+  + 

+  2.84 

Bi° 

Bi+  +  + 

-  0.39 

Sr° 

Sr+  + 

+  2.64 

Co0 

Co+  +  + 

-  0.40 

Ca° 

Ca+  + 

+  2.6 

Sb° 

Sb+  +  + 

-  0.47 

Mg° 

Mg+  + 

+  1.5 

Br° 

Br5  + 

-  0.51 

Al° 

A1+  +  + 

+  1.3 

Cu° 

Cu+ 

-  0.51 

Mn« 

Mn+  + 

+  1-1 

21- 

I2 

-  0.533 

Zn° 

Zn+  + 

+  0.76 

Fe+  + 

Fe+  +  + 

-  0.74 

S= 

S° 

+  0.55 

Ag° 

Ag+ 

-  0.793 

:  Ee° 

Fe+  + 

+  0.43 

2Hg 

H  g2+  + 

-  0.80 

Cd° 

Cd+  + 

+  0.40 

Hg° 

Hg+  + 

-  0.86 

Co0 

Co+  + 

+  0.23 

Hg2+  + 

2  Hg+  + 

-  0.92 

Ni° 

Ni+  + 

+  0.22 

2Br- 

Br2 

-  1.10 

Pb° 

Pb+  + 

+  0.13 

2  0= 

o2 

-  1.12 

Sn° 

Sn+  + 

+  0.10 

Mn+  + 

Mn4  + 

-  1.35 

Fe° 

Fe+  +  + 

+  0.04 

2C1- 

ci2° 

-  1.388 

H° 

H+ 

±0 

ci-  - 

C1+ 

-  1.51 

Cu+ 

Cu+  + 

-  0.20 

Mn+  + 

Mn7  + 

-  1.52 

1° 

15  + 

-  0.26 

+  8H+ 
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An  inspection  of  the  table  shows,  for  example,  that  molecular 
chlorine  has  a  great  tendency  to  form  the  chloride  ion.  This 
tendency,  however,  is  not  so  great  as  that  shown  by  the  manga¬ 
nese  of  a  permanganate  to  acquire,  in  an  acid  solution,  five 
electrons  or  to  change  to  the  manganous  ion, 

Mn04“  +  5  (  —  )  -f  8  H+  =  Mn+  +  +  4  H20. 

The  table  explains  why  chlorine  oxidizes  the  iodide  ion  to  free 
iodine  and  why  hypochlorous  acid  is  a  vigorous  oxidizing  agent. 

As  is  the  case  with  other  reactions  in  solution,  oxidation 
and  reduction  are  reversible  actions.  The  law  of  chemical 
equilibrium,  as  would  be  expected,  holds  for  oxidation-reduction 
reactions.  Whenever  the  change  involves  oxidation  potentials 
which  are  widely  separated,  as  is  illustrated  in  the  table  and 
the  foregoing  equation  for  a  permanganate,  the  oxidation- 
reduction  reaction  goes  forward  practically  to  completion.  In 
acid  solution  zinc  reduces  either  trivalent  or  pentavalent  anti¬ 
mony  to  the  metallic  state.  It  likewise  reduces  tin  from  the 
tetravalent  condition  to  bivalent  ions  or,  if  the  reaction  is 
allowed  to  proceed  rapidly,  to  the  metal.  The  tin,  however, 
is  soluble  in  an  excess  of  the  acid  (HC1),  but  antimony  is 
not.  Use  is  made  of  these  reactions  in  qualitative  analysis 
for  the  separation  and  identification  of  antimony  and  tin. 
The  table  will  aid  in  explaining  numerous  other  chemical 
changes  of  analytical  importance. 

Group  III 

A  discussion  of  Procedure  III.  The  reagents  for  precipitating 
this  group  are  ammonium  chloride,  ammonium  hydroxide,  and 
hydrogen  sulfide.  If  the  solution  under  consideration  contains 
hydrogen  sulfide  (and  it  does  if  Group  II  has  previously 
been  separated),  it  is  advisable  to  expel  the  gas  by  boiling 
the  liquid.  In  this  way  some  indication  of  the  presence  of 
the  ions  of  iron,  chromium,  and  aluminium  may  be  obtained 
upon  the  addition  of  the  first  two  reagents.  The  presence  of 
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an  ammonium  salt  prevents  the  precipitation  of  the  hydroxide 
of  the  metals  of  this  group  other  than  Al(OH)3,  Cr(OH)3,  and 
Fe(OH)3.  The  first  of  these  is  white;  the  second,  grayish 
green;  the  third,  reddish  brown.  Like  magnesium  hydroxide, 
manganous  hydroxide  is  not  precipitated  in  the  presence  of 
ammonium  chloride.  In  contact  with  air  ferrous  hydroxide  is 
oxidized  first  to  the  black  ferrous-ferric  hydroxide  and  finally 
to  the  brown  ferric  hydroxide.  Also,  manganous  hydroxide  is 
changed,  on  exposure  to  air,  to  a  mixture  consisting  of  Mn(OH)3 
and  H„Mn0o.  It  must  be  remembered  that  in  an  alkaline  solu- 

^  o 

tion  the  phosphates  of  the  metals  of  the  alkaline  earths  are 
precipitated. 

The  mixture  is  treated  with  the  third  reagent,  hydrogen 
sulfide,  ,to  precipitate  the  sulfides  of  the  other  metals  of  the 
group.  Sometimes  colorless  ammonium  sulfide  is  employed 
instead  of  hydrogen  sulfide,  and  with  good  results  except  when 
nickel  is  present.  In  this  case  nickel  sulfide  has  a  tendency  to 
pass  into  the  colloidal  condition.  This  difficulty  is  obviated  by 
the  use  of  hydrogen  sulfide.  In  case  ammonium  sulfide  is  used 
and  the  filtrate  is  brown,  colloidal  nickel  sulfide  is  indicated. 
To  remove  it,  expel  the  ammonium  hydroxide  by  boiling  the 
solution  and  then  render  the  liquid  faintly  acid  with  acetic 
acid.  The  precipitate  may  be  collected  on  a  filter  and  tested 
with  a  borax  bead  or  combined  with  the  group  precipitate. 

The  repression  of  the  hydroxyl  ions  by  ammonium  chloride 
does  not  account  in  full  for  the  failure  of  ammonium  hydroxide 
to  precipitate  the  hydroxides  of  zinc,  cobalt,  and  nickel.  The 
ions  of  these  elements  combine  with  the  excess  of  ammonia  to 
form  complex  ions  of  the  type  Me(NH3)4++.  It  is  in  this  way 
that  the  simple  cations  are  removed  from  solution  to  such  an 
extent  that,  in  these  instances,  the  value  of  CMe+  +  x  C20H-  is  less 
than  that  for  the  saturated  solution.  The  influence  of  complex 
ions  will  be  considered  more  fully  in  the  next  chapter. 

All  the  precipitate  of  this  group  dissolves  readily  in  1.2-normal 
hydrochloric  acid  except  the  sulfides  of  nickel  and  cobalt. 
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These  sulfides  are  not  precipitated  by  hydrogen  sulfide  in  IIC1 
of  this  concentration.  These  sulfides  dissolve  very  slowly,  and 
this  may  be  explained  by  the  fact  that  when  they  are  precipitated 
they  pass  into  a  less  readily  soluble  form.1 

There  are  two  methods  given  in  the  procedure  for  the  sepa¬ 
ration  of  cobalt  and  nickel.  If  dimethylglyoxime  is  available, 
its  use  is  recommended.  The  separation  which  is  effected  by 
the  use  of  potassium  cyanide,  bromine  water,  and  sodium 
hydroxide  depends  upon  the  fact  that  the  complex  cyanide 
of  cobalt  is  stable  under  the  conditions  of  the  experiment, 
while  that  of  nickel  is  not.  When  a  solution  of  the  salts  of 
nickel  and  cobalt  is  treated  with  potassium  cyanide,  the  cya¬ 
nides  of  these  metals  are  at  first  precipitated,  but  dissolve  in 
an  excess  of  the  reagent: 

1.  NiX2  +  2KCN^=±Ni(CN)2  +  2KX. 

2.  CoX2  +  2KCN^±Co(CN)2  +  2KX. 

3.  Ni(CN)2  4-  2  KCN  +=h  K2Ni(CN)4. 

4.  Co(CN)2  4  4  KCN  :«=±  K4Co(CN)6. 

Bromine  water  in  the  presence  of  sodium  hydroxide  oxidizes 
potassium  cobaltocyanide  to  cobalticyanide,  and,  at  the  same 
time,  nickel  is  oxidized  to  the  nickelic  condition  and  precipi¬ 
tated  as  Ni(OH)3. 

5.  2  K4Co(CN)6  +  Br2  :<=>  2  K3Co(CN)6  +  2  KBr. 

6.  2  K2Ni(CN)4  +  Br2  +  6  NaOH 

h=±  4  KCN  4-  4  NaCN  4  2  NaBr  4  2  Ni(OH)8. 

Two  electrons  are  gained  by  each  bromine  atom.  These  are  lost 
by  two  nickel  atoms  when  they  are  oxidized  to  the  nickelic  con¬ 
dition.  Bromine  displaces  cyanogen  from  a  cyanide,  and  this 
oxidation  takes  place  rather  than  the  oxidation  of  the  nickel 

1  Theil  and  Gessner,  Zeitschrift  fur  anorganische  und  allgemeine  Chemie ,  86 
(1914),  1.  According  to  them,  nickel  sulfide  has  three  forms:  one  soluble  in 
mineral  acids  of  concentration  as  low  as  0.01  normal ;  another  soluble  in 
2-normal  HC1 ;  and  a  third  not  appreciably  soluble  in  acids  except  in  the 
presence  of  an  oxidizing  agent. 
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when  an  excess  of  potassium  cyanide  is  present.  For  this  reason 
an  excess  of  only  a  few  drops  of  this  reagent  should  be  added. 

The  hydrochloric  acid  filtrate  from  the  sulfides  of  cobalt  and 
nickel  is  first  neutralized  with  sodium  hydroxide  and  then  treated 
with  sodium  peroxide.  This  oxidizes  any  ferrous  hydroxide  to 
ferric  hydroxide,  manganous  hydroxide  to  MnO(OH)2,  and  the 
chromite  to  the  chromate.  Zinc  and  aluminium  are  present  as 
sodium  zincate  (Na2Zn02)  and  sodium  aluminate  (NaA102) 
respectively.  A  little  sodium  carbonate  is  added  to  insure  the 
precipitation  of  the  ions  of  any  of  the  alkaline  earths.  This 
reagent  also  transposes  the  chromates  of  these  metals : 

MeCr04  +  Na2C03  +=t  Na2Cr04  +  MeC03. 

The  filtrate  from  the  sodium  peroxide  precipitate  should  be 
acidified  with  nitric  acid  instead  of  hydrochloric,  as  the  latter 
acid  is  likely  to  reduce  chromic  acid.  The  aluminium  is  precipi¬ 
tated  from  this  solution  by  ammonium  hydroxide.  This  reagent 
must  be  added  in  excess  in  order  to  form  the  complex  ion 
Zn(NH3)4++,  and  thus  prevent  the  precipitation  of  zinc.  A  large 
amount  of  the  hydroxide  is  unnecessary  and  should  be  avoided, 
since  aluminium  hydroxide  dissolves  in  it  to  some  extent.  A 
confirmatory  test  for  aluminium  should  never  be  omitted. 

If  the  filtrate  from  which  aluminium  hydroxide  has  been  sepa¬ 
rated  is  perfectly  colorless  after  it  has  been  acidified,  the  test  for 
chromium  should  be  omitted.  The  yellow  color  of  the  chromate 
is  quite  characteristic,  and  is  in  itself  a  delicate  test  for  chro¬ 
mium.  If  the  color  of  the  filtrate  is  yellow  and  the  precipitate 
given  with  barium  chloride  appears  white,  a  further  test  for  the 
chromate  ion  should  be  made.  It  may  be  that  enough  sulfate  is 
present  to  mask  the  yellow  color  of  the  chromate.  In  this  case 
collect  the  precipitate  on  a  filter  and  treat  it  with  nitric  acid. 
Neutralize  the  solution  with  ammonium  hydroxide  and  then 
acidify  it  with  acetic  acid.  A  yellow  precipitate,  insoluble  in 
the  acid,  shows  the  presence  of  a  chromate.  The  precipitate 
may  be  dissolved  in  hydrochloric  acid  instead  of  nitric  acid.  In 
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this  instance  pass  sulfur  dioxide  into  the  HC1  solution.  Evapo¬ 
rate  the  solution  to  one  cubic  centimeter.  A  green  solution 
confirms  the  presence  of  the  chromic  ion. 

The  formation  of  white  zinc  sulfide  is  used  as  a  test  for  zinc. 
The  sulfide  precipitates  more  rapidly  from  a  warm  acetic  acid 
solution  than  in  the  cold.  For  this  reason  the  solution  is  satu¬ 
rated  at  60°  and  set  aside  for  ten  or  fifteen  minutes  in  a  stop¬ 
pered  flask.  The  sulfide  may  be  precipitated  in  such  a  condition 
that  it  is  difficult  to  collect  it  on  a  filter  for  the  confirmatory  test. 
Hence,  it  may  be  necessary  to  filter  more  than  once  or  to  use  a 
double  filter  or  a  quantitative  filter  paper. 

It  should  be  borne  in  mind  that  sodium  hydroxide  as  well  as 
sodium  peroxide  may  contain  silicates.  Thus,  a  white  precipitate 
for  aluminium  hydroxide  may  be  silicic  acid.  It  should  be  noted, 
further,  that  the  sulfocyanate  test  for  ferric  iron  is  an  extremely 
delicate  one.  Many  of  the  purest  reagents  (for  example,  sodium 
hydroxide  and  nitric  acid)  are  likely  to  contain  small  traces  of 
ferric  iron.  Hence,  the  appearance  of  a  red  color  on  adding  a 
sulfocyanate  indicates  the  ferric  ion  only  when  the  color  is 
deeper  than  that  given  by  the  reagents  alone. 

When  phosphates  are  present,  the  ions  of  the  fourth  group  may 
be  partially  or  even  completely  precipitated.  Iron  and  aluminium 
form  more  difficultly  soluble  precipitates  with  phosphates  than 
do  the  metals  of  the  alkaline  earths.  Hence,  when  enough  of 
the  former  are  present  to  combine  with  all  the  phosphate,  none 
of  the  latter  ions  will  be  precipitated.  Even  though  the  phos¬ 
phates  of  aluminium  and  zinc  are  very  slightly  soluble  in  water, 
they  dissolve  in  sodium  hydroxide.  Why  ?  Provision  is  made 
in  the  procedure  to  take  care  of  the  complication  which  arises 
when  phosphates  are  present.  The  phosphate  ion  is  removed 
from  an  acetic  acid  solution  containing  ammonium  acetate  by 
the  addition  of  ferric  chloride.  Upon  boiling  the  mixture  the 
excess  iron  is  completely  precipitated  as  ferric  hydroxide  and 
basic  ferric  acetate,  Fe(0H)2C2H302.  The  precipitation  of  the 
iron  is  brought  about  by  hydrolysis. 
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REACTIONS  AND  PROCEDURE  FOR  THE  DETECTION  OF 
THE  IONS  OF  GROUP  III 

Zinc  ion,  Zn++ 

Experiment  8.  a.  Moisten  a  small  amount  of  zinc  oxide  or 
zinc  nitrate  with  1  per  cent  cobalt  nitrate  solution  and  a  few 
drops  of  Na2C03  solution.  Evaporate  the  mixture  to  dryness 
and  heat  it  until  the  purple  color  of  the  cobalt  disappears. 
Cool  the  residue  and  note  its  color. 

b.  Add  carefully  sodium  hydroxide  to  zinc  chloride  solution 
until  precipitation  of  Zn(OH)2  is  complete.  Treat  one  half  of 
the  mixture,  with  an  excess  of  NaOH,  and  the  other  half  with 
IT  Cl.  Interpret  results.  What  does  this  experiment  show  in 
regard  to  the  acidic  and  basic  character  of  Zn(OH)2? 

c.  Acidify  two  solutions  of  a  zinc  salt,  the  one  with  acetic 
acid,  the  other  with  HC1.  Pass  H2S  into  each  solution.  Explain 
your  observations.  What  is  the  solubility  of  ZnS  in  water  ? 

d.  Add  to  a  ZnCl2  solution  ammonium  chloride  and’  ammo¬ 
nium  hydroxide.  Why  is  zinc  hydroxide  not  precipitated  ?  Can 
this  method  be  used  to  separate  zinc  from  aluminium  ? 

e.  Treat  a  zinc  chloride  solution  with  potassium  ferrocyanide. 
Is  the  precipitate  which  is  formed  soluble  in  acetic  acid  ?  Is  it 
soluble  in  ammonium  hydroxide  or  in  ammonium  salts  ? 

/.  On  the  basis  of  the  ionization  equilibrium  of  H2S  and 
(NH4)2S,  and  of  the  solubility  of  ZnS,  explain  why  zinc  sulfide 
is  precipitated  more  completely  in  an  alkaline  solution. 

Chromium  ion,  Cr+  +  + 

Experiment  9.  a .  Add  to  a  solution  of  chromium  salt  (for 
example,  the  sulfate)  ammonium  chloride  and  ammonium 
hydroxide.  Note  the  color  of  the  precipitate.  Is  the  precipitate 
soluble  in  sodium  hydroxide  ?  in  hydrochloric  acid  ?  Heat  the 
solution  of  Cr(OH)3  in  sodium  hydroxide.  What  is  the  result? 

b.  Acidify  a  solution  of  K2Cr207  and  divide  the  solution  into 
three  parts.  Pass  S02  through  one  portion  and  H2S  through 
another.  To  the  third  add  alcohol  and  heat  the  solution.  Write 
equations  to  express  these  reactions. 
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c.  Treat  chromium  hydroxide  with  a  slight  excess  of  sodium 
peroxide.  Add  water  to  the  product  and  boil  the  solution  until 
the  excess  of  Na202  is  decomposed,  and  acidify  the  solution  with 
acetic  acid.  To  the  acid  solution  add  barium  chloride.  What  is 
the  yellow  precipitate  ?  Give  the  solubility  of  this  precipitate. 

d.  Fuse  a  chromium  salt  with  potassium  chlorate  and  sodium 
carbonate.  Digest- the  mass  with  water  and  filter.  Add  acetic 
acid  and  barium  chloride  to  the  water  solution.  The  yellow 
precipitate  is  barium  chromate. 

e.  What  are  the  two  common  oxides  of  chromium  ?  Are 
both  of  them  amphoteric  ?  Is  the  hydroxide  of  the  lower  oxide 
chiefly  basic  or  acidic  ? 

Aluminium  ion,  A1+++ 

Experiment  10.  a.  Moisten  a  very  small  amount  of  aluminium 
nitrate  or  hydroxide  with  a  single  drop  of  a  1  per  cent  solution 
of  cobalt  nitrate.  Ignite  the  mixture  on  a  piece  of  charcoal 
with  a  blowpipe.  What  is  the  blue  compound  formed  ?  Enough 
of  the  salt  or  hydroxide  to  contain  0.5  mg.  of  A1  will  give 
this  test. 

b.  Add  sodium  hydroxide,  a  drop  at  a  time,  to  a  solution  of 
aluminium  sulfate  until  a  large  precipitate  of  Al(OH)g  is 
formed.  Treat  one  half  of  the  mixture  with  an  excess  of  sodium 
hydroxide.  Does  the  precipitate  dissolve  ?  Does  aluminium 
hydroxide,  in  this  case,  act  as  an  acid  or  as  a  base  ?  Express  the 
reaction  by  an  ionic  equation.  To  the  other  half  of  the  mixture 
add  HC1.  Does  the  precipitate  dissolve  ?  What  property  of 
aluminium  hydroxide  is  shown  by  this  treatment  ?  Give  an 
ionic  equation  to  express  the  reaction.  Does  aluminium  hy¬ 
droxide  ionize  both  as  an  acid  and  as  a  base  ?  Illustrate  by 
chemical-equilibrium  equations  the  effect  of  HC1  on  both  forms 
of  ionization.  Also,  show  the  effect  of  NaOH. 

c.  If  aluminium  hydroxide  is  amphoteric,  what  reaction  toward 
litmus  should  aluminium  sulfate  give  ?  Test  it. 

d.  Precipitate  aluminium  hydroxide  from  a  solution  of  an 
aluminium  salt  with  ammonium  chloride  and  hydroxide.  Is 
Al(OH)g  soluble  in  an  excess  of  the  mixture  ?  One  milligram  or 
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even  less  of  the  aluminium  ion  will  give  a  precipitate  if  the  mix¬ 
ture  is  heated,  shaken,  and  allowed  to  stand  for  several  minutes. 
May  aluminium  be  separated  from  zinc  by  this  means  (Exp.  8,6?)? 

e.  Add  ammonium  sulfide  to  aluminium  sulfate  until  no 
further  precipitation  results.  What  gas  is  evolved?  Collect 
the  precipitate  on  a  filter  and  wash  it  until  it  is  odorless.  Treat 
it  with  HC1  and  note  whether  any  H2S  is  evolved.  What  is 
the  composition  of  the  precipitate  ?  Give  an  explanation  of 
its  formation.  Name  another  salt  of  aluminium  which  is 
completely  hydrolyzed. 

Manganese  ion,  Mn++ 

Experiment  11.  a.  Determine  whether  a  solution  of  NH4C1 
and  NH4OH  will  precipitate  manganese  from  a -solution  of  man¬ 
ganous  chloride.  Expose  the  mixture  to  the  air  and  note  any 
change  in  it.  Explain. 

b.  Pass  hydrogen  sulfide  through  a  solution  of  potassium 
permanganate  acidulated  with  H2S04.  What  change  occurs? 
Give  the  equation. 

c.  Add  to  a  solution  of  manganous  chloride  enough  sodium 
hydroxide  to  precipitate  the  manganese  completely  and  then 
treat  the  mixture  with  a  slight  excess  of  sodium  peroxide. 
Dilute  the  solution  with  an  equal  volume  of  water  and  boil  it 
until  the  excess  of  Na202  is  decomposed.  Collect  the  precipitate 
on  a  filter  and  wash  it  with  hot  water.  What  is  the  precipitate  ? 

d.  Transfer  the  precipitate  (Exp.  11,  c )  to  a  dish  and  treat 
it  with  10  cc.  of  concentrated  nitric  acid.  If  it  does  not  dissolve 
completely,  warm  the  mixture  and  stir  into  it,  a  drop  at  a  time, 
a  solution  of  H202  until  the  precipitate  dissolves.  Evaporate 
the  solution  almost  to  dryness  and  treat  it  with  10  cc.  of  con¬ 
centrated  nitric  acid  and  1  g.  of  KC10g.  Heat  the  acid  to 
boiling.  What  precipitate  is  formed  ?  In  what  way  does  H202 
effect  the  solubility  of  MnO(OH)2  in  nitric  acid? 

e.  Fuse  some  Mn02  with  KOH  and  KC103.  What  is  pro¬ 
duced  ?  Pass  chlorine  into  a  water  solution  of  the  fused  mass. 
Give  observation  and  equations.  Potassium  carbonate  may  be 
used  instead  of  potassium  hydroxide. 
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/.  Boil  a  little  manganous  salt  with  concentrated  nitric  acid 
and  pure  lead  dioxide.1  Allow  any  solid  to  settle.  A  purple 
solution  is  HMn04.  This  is  a  delicate  test  for  manganese. 

g.  Into  each  of  five  test  tubes  put  1  cc.  of  solution  as 
follows :  in  the  first,  zinc  chloride  ;  in  the  second,  chromium  sul¬ 
fate  ;  in  the  third,  aluminium  sulfate  ;  in  the  fourth,  manganese 
chloride ;  in  the  fifth,  ferrous  sulfate.  Make  each  solution  strongly 
alkaline  with  sodium  hydroxide  and  then  add  to  each  of  the 
tubes  a  solution  of  sodium  hypochlorite.  Boil  each  mixture  for 
one  minute  and  note  results. 

Ferrous  ion,  Fe++,  and  Ferric  ion,  Fe+++ 

Experiment  12.  a.  Use  a  solution  of  pure  ferrous  ammonium 
sulfate  or  ferrous  sulfate.  Divide  the  solution  into  three  por¬ 
tions.  To  the  first  add  potassium  ferricyanide ;  note  the  color 
of  the  precipitate.  What  is  it?  Write  equations  to  express  its 
formation.  Add  to  the  second  portion  potassium  thiocyanate 
and  to  the  third  potassium  ferrocyanide.  What  are  the  results  ? 

b.  From  what  oxide  are  ferrous  salts  derived?  What  kind 
of  reagents  convert  Fe++  to  Fe+++  ?  Boil  a  little  freshly  pre¬ 
pared  solution  of  ferrous  chloride  with  bromine  water;  with 
nitric  acid.  Note  any  change  in  color.  Write  equations.  Will 
sodium  peroxide  oxidize  ferrous  salts  ? 

c.  Pass  H2S  into  a  ferric  chloride  solution  until  no  further 
action  is  observed.  Note  change  in  color  of  the  solution.  What 
is  the  precipitate  ?  What  change  in  the  state  of  oxidation  of 
the  iron  occurred  ?  Give  equation. 

d.  What  reaction  to  litmus  does  a  ferric  chloride  solution 
show  ?  Does  ferric  hydroxide  dissolve  in  an  excess  of  sodium 
hydroxide  ?  What  is  the  strength  of  Fe(OH)3  as  a  base  ? 

e.  Repeat  Exp.  12,  a,  but  use  ferric  chloride  instead  of  the 
ferrous  salt.  Tabulate  and  compare  the  results.  How  could 
both  ferrous  and  ferric  ions  be  identified  in  a  mixture  of  the 
two  ?  One  part  of  ferric  iron  in  1,600,000  parts  of  water  may 
be  detected  by  the  thiocyanate  test. 

1  If  a  purple  color  is  not  obtained,  add  a  small  quantity  of  potassium  nitrate 
to  the  mixture  and  heat  it.  Repeat  if  necessary. 
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/.  What  is  the  best  test  for  the  ferric  ion ;  for  the  ferrous  ion  ? 
Do  potassium  ferrocyanide  and  potassium  ferricyanide  respond 
to  the  test  for  the  ferrous  ion  and  the  ferric  ion  respectively  ? 

Nickel  ion,  Ni+  + 

Experiment  13.  a.  Make  a  borax  bead  in  a  loop  of  a  plati¬ 
num  wire.  Moisten  the  bead  with  a  solution  of  a  nickel  salt 
and  heat  it  strongly  in  an  oxidizing  flame.  Note  the  color  of 
the  bead  when  hot  and  after  it  cools.  Repeat  the  experiment, 
using  a  mixture  of  cobalt  and  nickel  salts.  What  color  does  the 
mixture  impart  to  the  bead  ? 1 

b.  Add  an  excess  of  sodium  hydroxide  to  a  solution  of  nickel 
chloride.  Does  the  precipitate  which  is  formed  dissolve  in  an 
excess  of  hydroxide  ?  Has  nickelous  hydroxide  any  acidic 
property  ?  Is  the  hydroxide  soluble  in  ammonium  hydroxide  ? 

c.  Add  a  few  drops  of  1.2-normal  HC1  to  2  cc.  of  NiCl2  solu¬ 
tion  and  pass  into  it  hydrogen  sulfide.  Is  a  precipitate  formed  ? 
Treat  the  acid  solution  with  ammonium  sulfide.  Explain  why 
a  precipitate  forms  in  this  case  but  does  not  in  the  previous 
one.  Collect  the  precipitate  on  a  filter  and  wash  it.  Is  the  pre¬ 
cipitate  soluble  in  1.2-normal  HC1  ?  What  is  peculiar  in  the  fact 
that  NiS  is  not  precipitated  from  a  dilute  acid  solution,  while  the 
sulfide  fails  to  dissolve  or  dissolves  with  extreme  slowness  in 
1.2-normal  HC1?  Does  cobalt  sulfide  show  a  similar  behavior? 

d.  To  a  solution  of  nickel  chloride  add  sodium  hydroxide  and 
then  a  slight  excess  of  bromine  water.  What  results  from  the 
addition  of  the  bromine  water  ?  Give  equation.  Does  cobalt 
hydroxide  act  analogously  ? 

e.  Mix  in  a  casserole  a  solution  of  cobalt  chloride  with  nickel 
chloride.  Add  to  the  mixture,  drop  by  drop,  a  solution  of 
potassium  cyanide  until  any  precipitate  which  may  form  is  dis¬ 
solved,  and  then  add  three  or  four  drops  more  of  KCN  solution 
{CARE /).2  Warm  the  solution  and  treat  it  with  an  excess  of 

1  If  the  mixture  of  cobalt  and  nickel  salts  contains  less  than  2.5  per  cent  of 
the  former,  the  nickel  masks  the  blue  color  of  the  cobalt  in  this  test. 

2  Potassium  cyanide  is  a  deadly  poison.  Use  every  possible  precaution  in 
handling  this  reagent. 
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NaOH  solution  and  finally  with  an  excess  of  bromine  water. 
Stir  the  solution  during  the  addition  of  the  bromine  water. 
What  is  the  black  precipitate  ?  Why  is  cobalt  not  precipitated 
as  Co(OH)g  ?  Give  equation  to  ^express  all  reactions  involved. 
Can  cobalt  be  separated  from  nickel  by  this  method? 

Cobalt  ion,  Co+  + 

Experiment  14.  a.  What  color  do  cobalt  salts  impart  to  a 
borax  bead  ? 

b.  Add  an  excess  of  sodium  hydroxide  to  a  solution  of  cobalt 
chloride.  Does  the  precipitate  Co(OH)2  dissolve  in  an  excess 
of  the  hydroxide  ?  Is  it  soluble  in  ammonium  hydroxide  ? 

c.  Acidify  a  solution  of  cobalt  chloride  with  acetic  acid  and 
add  to  the  solution  a  large  excess  of  potassium  nitrite.  Warm 
the  mixture.  A  yellow  precipitate  is  K8Co(N02)6.  What  change 
in  the  state  of  oxidation  of  cobalt  takes  place  during  the  reaction? 
Write  equations. 

PROCEDURE  III 

Analysis  of  Group  III 

1.  First  add  to  the  solution  10  cc.  of  ammonium  chloride, 
then  an  excess  of  ammonium  hydroxide,  and  finally  saturate  it 
with  hydrogen  sulfide.  Heat  the  mixture  to  90°  and  after  a 
few  minutes  collect  the  precipitate  on  a  filter.  Use  a  filter 
pump  to  remove  as  much  liquid  as  possible  from  the  precipitate. 
Do  not  continue  the  suction  for  any  great  length  of  time,  as 
some  of  the  sulfides  may  be  oxidized  to  sulfates.  Wash  the 
precipitate  once  with  hydrogen-sulfide  water  and  once  with 
water.  If  the  filtrate  is  colored  brown,  the  presence  of  nickel 
is  indicated.  In  this  case,  boil  the  filtrate  to  remove  ammonia, 
and  make  it  slightly  acid  with  acetic  acid.  Test  any  precipitate 
which  may  form  for  nickel  (Exp.  13,  a).  Treat  the  filtrate 
by  Proc.  II  and  I. 

2.  Transfer  the  precipitate  containing  the  zinc-aluminium 
group,  and  part  of  the  alkaline-earth  group  if  phosphate  is 
present,  to  a  beaker  and  treat  it  with  1.2-normal  hydrochloric 
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acid.  Add  the  acid  gradually  as  long  as  any  H2S  is  evolved, 
and  quickly  separate  the  solution  from  the  residue  by  filtration. 
Treat  the  filtrate  by  Proc.  Ill,  5. 

3.  Identification  of  nickel  {Method  A).  Dissolve  the  sulfides 
of  cobalt  and  nickel  in  a  small  amount  of  aqua  regia  and  evapo¬ 
rate  the  solution  until  not  more  than  a  drop  or  two  of  the 
liquid  remains.  Take  up  the  residue  in  a  few  cubic  centimeters 
of  hydrochloric  acid  and  filter.  Neutralize  the  filtrate  with 
sodium  hydroxide,  and  then  make  the  mixture  slightly  acid 
(use  litmus  as  an  indicator)  with  acetic  acid.  Divide  the  solu¬ 
tion  into  two  parts.  (Save  one  part  for  Proc.  Ill,  4.)  Add 
10  drops  of  dimethylgly oxime1  to  the  second  part  and  make  the 
solution  slightly  alkaline  with  ammonium  hydroxide.  Boil  the 
mixture,  and  if  a  deposit  of  red  crystals  is  obtained  as  the  liquid 
cools,  nickel  is  present.  According  to  L.  Tschugaeff  this  test  is 
sensitive  to  one  part  of  nickel  in  400,000  parts  of  water.  If  the 
proportion  of  the  amount  of  cobalt  to  that  of  nickel  is  more  than 
ten  to  one,  the  former  interferes  with  the  test  for  the  latter, 
except  when  the  proper  procedure  is  followed.  If  there  is  evi¬ 
dence  (from  Proc.  Ill,  4)  that  the  cobalt  is  in  large  excess,  make 
the  original  portion  of  acetic  acid  solution  strongly  alkaline  with 
ammonium  hydroxide  and  then  add  a  few  cubic  centimeters  of 
hydrogen  peroxide.  Boil  the  solution  until  the  excess  of  the 
peroxide  is  decomposed.  Treat  the  hot  solution  with  dimethyl¬ 
gly  oxime  and  boil  the  mixture.  If  nickel  is  present,  red  crystals 
will  form  on  the  side  of  the  container  and  a  red  scum  on  the  liquid. 

If  dimethylgly  oxime  is  not  available,  follow  Method  B. 

Identification  of  nickel  {Method  B).  Dissolve  the  residue  from 
the  HC1  solution  (Proc.  Ill,  2)  in  a  small  amount  of  aqua  regia 
and  evaporate  the  solution  on  a  water  bath  until  not  more 
than  a  drop  of  liquid  remains,  but  not  to  absolute  dryness. 
Take  up  the  residue  in  from  20  to  40  cc.  of  water  to  which 
is  added  from  5  to  10  drops  of  hydrochloric  acid.  Render 
the  solution  alkaline  with  sodium  hydroxide  and  then  slightly 
acid  to  litmus  with  acetic  acid.  Divide  the  solution  into  t\46*, 
parts.  (Save  one  part  for  Proc.  Ill,  4.)  Transfer  one  portion/ 

1  A  precipitate  usually  forms  before  the  addition  of  NH,OH.:  - 
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to  a  casserole  and  add  to  it,  drop  by  drop,  a  solution  of  potas¬ 
sium  cyanide  until  any  precipitate  which  may  form  is  dissolved, 
and  then  add  three  or  four  drops  more  of  the  KCN  solution. 
If  no  precipitate  forms  when  the  first  drop  of  KCN  is  added, 
add  only  three  or  four  drops  of  potassium  cyanide.  Warm  the 
solution  and  treat  it  with  from  25  to  50  cc.  of  sodium  hydroxide, 
and  then  with  an  excess  of  bromine  water.  Stir  the  solution 
during  the  addition  of  the  bromine  water.  If  nickel  is  present, 
a  black  precipitate  of  Ni(OH)3  will  be  formed  when  sufficient 
bromine  water  is  added.  Heat  the  mixture  and  filter  it.  Wash 
the  precipitate  thoroughly  with  boiling  water  and  confirm  the 
presence  of  nickel  in  it  by  the  borax-bead  test  (Exp.  13,  a). 

4.  Identification  of  cobalt.  Concentrate  the  other  part  of  the 
acetic  acid  solution  (Proc.  Ill,  3,  Method  A  or  Method  B)  to  5  cc. 
and  add  to  the  concentrate  enough  potassium  chloride  to  satu¬ 
rate  it.  Filter  the  cooled  solution  and  add  to  the  filtrate  from  2 
to  4  cc.  of  acetic  acid  and  then  5  cc.  of  a  saturated  solution  of 
potassium  nitrite.  Warm  the  mixture  and  allow  it  to  stand  for 
thirty  minutes.  A  yellow  precipitate  is  potassium  cobaltinitrite, 
K3Co(N02)6.  Use  the  borax-bead  test  to  confirm  the  presence 
of  cobalt  in  the  precipitate. 

5.  Boil  the  hydrochloric-acid  filtrate  from  the  cobalt  and 
nickel  -sulfides  (Proc.  Ill,  2)  until  every  trace  of  hydrogen 
sulfide  is  removed,  and  neutralize  the  solution  with  sodium 
hydroxide.  Place  the  mixture  in  a  casserole  and  sprinkle  into 
it  powdered  sodium  peroxide.  Stir  the  contents  of  the  dish  con¬ 
tinuously  during  the  addition  of  the  sodium  peroxide.  Sufficient 
peroxide  has  been  added  when  a  rapid  stream  of  oxygen  is 
evolved  from  the  well-stirred  mixture.  Treat  the  product  with 
5  cc.  of  sodium  carbonate  solution ;  boil  it  until  the  excess  of 
sodium  peroxide  is  decomposed,  dilute  it  with  50  cc.  of  water, 
and  filter  (use  suction).  Wash  the  precipitate  with  boiling  water. 
Test  the  Na202  precipitate  according  to  Proc.  Ill,  6.  Analyze 
the  filtrate  according  to  Proc.  Ill,  11. 

.*“6.  Identification  of  the  manganese  ion.  Dissolve  the  sodium- 
‘peroxide  precipitate  (Proc.  Ill,  5)  in  from  5  to  20  cc.  of  concen- 
t*^ed:HN03.  If  a  residue  is  left  from  this  treatment,  heat  the 
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mixture  to  90°  and  stir  into  it,  a  drop  at  a  time,  a  3  per  cent 
solution  of  hydrogen  peroxide  until  the  residue  dissolves.  Filter 
and  evaporate  the  filtrate  almost  to  dryness.  Add  to  the  residue 
10  cc.  of  concentrated  nitric  acid  and  1  g.  of  powdered  sodium 
chlorate  and  heat  the  mixture  to  boiling.  If  no  precipitate  is 
produced,  treat  the  solution  by  Proc.  Ill,  7.  If  a  black  precipi¬ 
tate  forms,  add  10  cc.  more  of  concentrated  HN03,  heat  the 
mixture  to  boiling,  and  add  gradually  4  g.  of  sodium  chlorate. 
Collect  the  precipitate,  Mn02,  on  an  asbestos  filter 1  (use  suc¬ 
tion).  Wash  the  precipitate  with  concentrated  nitric  acid  and 
then  with  water.  Treat  it  by  Exp.  11,  e ,  to  confirm  manganese. 

7.  Test  for  phosphate.  Concentrate  the  solution  from  the 
manganese  precipitate,  or  the  one  in  which  manganese  was 
absent  (Proc.  Ill,  6),  to  5  cc.  and  then  dilute  it  to  30  cc.  Heat 
5  cc.  of  this  solution  to  90°  and  add  to  it  an  excess  of  ammo¬ 
nium  molybdate.  A  canary-yellow  precipitate  shows  the  pres¬ 
ence  of  phosphates.  If  phosphate  is  present,  treat  the  remaining 
25  cc.  of  the  solution  by  Proc.  Ill,  8  ;  otherwise,  by  Proc.  Ill,  9. 

8.  Identification  of  ferric  ion  and  the  removal  of  phosphate. 
Treat  5  cc.  of  the  nitric  acid  solution  from  Proc.  Ill,  7,  with 
2  cc.  of  concentrated  hydrochloric  acid  and  evaporate  it  just 
to  dryness.  Add  to  the  residue  2  cc.  of  concentrated  HC1  and 
again  evaporate  just  to  dryness.  Dissolve  the  residue  in  2-normal 
HC1  and  add  to  it  a  solution  of  ammonium  thiocyanate.  A  red 
coloration  confirms  the  presence  of  iron.  Neutralize  the  re¬ 
maining  20  cc.  of  the  nitric  acid  solution  (Proc.  Ill,  7)  with 
ammonium  hydroxide.  Make  the  mixture  distinctly  acid  with 
acetic  acid  and  add  to  the  solution  one  half  its  volume  of 
ammonium  acetate.  If  the  solution  is  not  of  a  distinctly  reddish 
color,  add  to  it,  drop  by  drop,  FeCl3  solution  until  the  color 
is  produced.  Dilute  the  mixture  with  40  cc.  of  water ;  gently 
boil  it  for  ten  minutes  and  filter  it  immediately.  Discard  the 
precipitate.  The  filtrate  may  contain  zinc,  traces  of  cobalt  and 

1  To  make  an  asbestos  filter,  put  into  a  funnel  a  pad  of  glass  wool  1  cm.  thick 
and  collect  upon  it  from  a  water  suspension  of  asbestos  enough  fine  asbestos 
fibers  to  form  a  layer  of  half  the  thickness  of  the  glass  wool.  With  the  fingers 
gently  press  down  the  fibers  and  apply  suction  at  the  same  time. 
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nickel,  and  the  alkaline-earth  group.  Separate  zinc,  cobalt, 
and  nickel  from  the  alkaline-earth  metals  by  Proc.  Ill,  1. 
Combine  the  filtrate  with  that  of  Proc.  Ill,  1,  and  test  the 
combined  solutions  by  Proc.  II  and  I.  Dissolve  the  precipitate 
in  a  little  hot  dilute  hydrochloric  acid  and  treat  the  solution 
according  to  Proc.  Ill,  10. 

9.  Identification  of  ferric  ion  in  absence  of  phosphates.  If 

phosphate  is  absent,  treat  the  nitric  acid  solution  (Proc.  Ill,  6) 
with  an  excess  of  NH4OH.  The  formation  of  a  red  gelatinous 
precipitate  indicates  the  presence  of  iron.  Collect  the  precipi¬ 
tate  on  a  filter.  Dissolve  the  precipitate  in  HC1  and  add  to 
the  solution  a  few  cubic  centimeters  of  NHJSCN.  A  red  colora- 
tion  confirms  the  presence  of  iron.  Evaporate  the  filtrate  from 
the  ferric  hydroxide  precipitate  and  gently  ignite  the  residue 
to  expel  ammonium  nitrate.  Dissolve  the  remaining  material 
in  a  little  dilute  hydrochloric  acid  and  treat  the  solution  by 
Proc.  Ill,  10. 

10.  Identification  of  traces  of  cobalt  and  nickel.  If  the  pres¬ 
ence  of  the  nickel  ions  and  cobalt  ions  has  been  proved,  further 
tests  should  be  omitted.  Otherwise,  treat  the  hydrochloric  acid 
solution  from  Proc.  Ill,  8,  or  Proc.  Ill,  9,  as  the  case  may  be, 
with  an  excess  of  sodium  hydroxide.  Filter  and  test  the  pre¬ 
cipitate  for  cobalt  and  nickel  by  Proc.  Ill,  3  and  4.  Treat  the 
filtrate  by  Proc.  Ill,  11. 

11.  Identification  of 'the  aluminium  ion.  Acidify  with  hydro¬ 
chloric  acid  the  combined  filtrates  from  the  Na202  precipitate 
(Proc.  Ill,  5)  and  the  sodium  hydroxide  precipitate  (Proc.  Ill, 
10).  Treat  the  solution,  which  may  contain  zinc,  chromate, 
and  aluminium  ions,  with  ammonium  hydroxide  and  heat  it  to 
boiling.  A  white  flocculent  precipitate  indicates  the  presence 
of  aluminium.  Filter  and  wash  the  precipitate  thoroughly  with 
boiling  water.  Confirm  the  presence  of  aluminium  by  Exp.  10,  a. 
Test  the  filtrate  by  Proc.  Ill,  12  and  13. 

12.  Identification  of  chromium  ion.  Treat  the  solution  from 
the  NH4OH  precipitate  (Proc.  Ill,  11)  with  acetic  acid  until 
it  gives  an  acid  reaction  with  litmus  paper.  If  the  solution 
has  the  slightest  orange  tinge,  treat  it  with  BaCl2  solution 
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until  all  chromate  is  precipitated.  A  light-yellow  precipitate 
is  BaCr04.  Digest  the  precipitate  with  H2S04  and  treat  the 
acid  solution  with  sulfur  dioxide  or  hydrogen  sulfide.  Refer  to 
Exp.  9,  b ,  for  further  information. 

13.  Identification  of  the  zinc  ion.  Divide  the  acetic  acid  solu¬ 
tion  from  the  BaCl2  precipitate  (Proc,  III,  12)  into  two  portions. 
Add  to  one  part  a  solution  of  potassium  ferrocyanide.  A  white, 
gelatinous  precipitate  indicates  zinc.  Pass  H2S  into  the  other 
portion  and  allow  it  to  stand  in  a  stoppered  flask  for  ten  minutes. 
A  white  precipitate  is  ZnS.  Collect  the  ZnS  on  a  filter;  wash 
it  with  water  and  dissolve  it  in  nitric  acid.  Evaporate  the 
solution  just  to  dryness  and  test  it  for  Zn  by  Exp.  8,  a. 

Ask  your  instructor  for  an  unknown  and  analyze  it  for  the 
metal  ions  of  Group  III. 

Obtain  an  unknown  and  analyze  it  for  the  metal  ions  of 
Groups  III,  IV,  and  V. 

QUESTIONS 

1.  Are  the  chlorides  of  the  nonmetals  completely  hydrolyzed? 
of  the  metals  ? 

2.  Which  is  the  more  readily  hydrolyzed,  stannous  or  stannic 
chloride  ?  Explain. 

3.  How  do  you  account  for  the  fact  that  cupric  sulfide  is  not 
hydrolyzed  to  any  appreciable  extent  ? 

4.  The  sulfides  of  what  metals  in  this  group  undergo  hydrolysis  ? 

5.  What  advantage  is  taken  of  the  amphoteric  character  of  the 
hydroxides  of  the  metals  in  the  analysis  of  their  ions  ? 

6.  Which  is  the  more  acidic,  aluminium  hydroxide  or  chromium 
hydroxide  ?.  What  evidence  have  you  for  your  statement  ? 

7.  How  may  the  amphoteric  character  of  a  hydroxide  be  shown  ? 

8.  Has  sodium  hydroxide  any  amphoteric  property?  Has  sulfuric 
acid  ?  Give  evidence. 

9.  Make  one  list  of  the  active  oxidizing  agents  and  another  of 
the  vigorous  reducing  agents. 

10.  Give  the  equation  expressing  the  oxidation  of  chromium 
hydroxide  to  sodium  chromate  by  sodium  peroxide. 
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11.  Write  the  equation  for  the  oxidation  of  manganous  hydroxide 
by  potassium  chlorate  and  sodium  carbonate. 

12.  Explain  why  a  normal  solution  of  potassium  permanganate 
which  is  to  be  used  as  an  oxidizing  agent  contains  only  one  fifth 
of  a  molecular  weight  of  the  salt  in  each  liter  of  solution.  How 
many  grams  of  potassium  dichromate  would  be  required  to  make 
a  liter  of  normal  solution  for  the  same  purpose  ? 

13.  What  metal  ions  of  this  group  are  precipitated  by  ammonium 
hydroxide  in  the  presence  of  ammonium  chloride  ?  Why  is  the 
manganese  which  is  present  as  a  manganous  salt  likely  to  be 
precipitated  ? 

14.  Why  does  the  presence  of  ammonium  chloride  lessen  the 
amount  of  aluminium  hydroxide  which  is  dissolved  ? 

15.  What  other  ions  are  precipitated  by  the  reagents  used  for 
this  group  when  phosphates  are  present  ? 

16.  Why  should  sodium  peroxide  be  added  in  small  portions  ? 

17.  Why  is  the  formation  of  a  white  precipitate  with  hydrogen 
sulfide  a  characteristic  test  for  the  zinc  ion  ? 

18.  Why  is  it  that  the  sulfides  of  nickel  and  cobalt  do  not  pre¬ 
cipitate  with  the  sulfides  of  Group  II  when  hydrogen  sulfide  is 
passed  into  the  solution,  and  yet  are  separated  from  other  sulfides 
of  Group  III  by  hydrochloric  acid  ? 

19.  State  the  reason  why  zinc  hydroxide  is  soluble  in  either 
hydrochloric  acid  or  sodium  hydroxide. 

20.  If  the  precipitate  obtained  by  Proc.  Ill,  1,  is  not  black,  what 
test  may  be  omitted  ? 

21.  At  what  point  in  the  procedure  is  chromium  identified  as 
barium  chromate  ?  When  is  this  test  to  be  omitted  ? 

22.  What  is  produced  when  cobalt  nitrate  is  heated  with  borax? 

23.  If  in  the  test  for  zinc,  as  the  sulfide,  a  white  precipitate, 
insoluble  in  hydrochloric  acid,  is  obtained,  what  is  the  precipitate 
likely  to  be  ? 

24.  What  is  the  green  salt  obtained  with  cobalt  nitrate  as  the 
final  test  for  zinc  ? 

25.  Why  is  the  filtrate  obtained  in  Proc.  Ill,  1,  sometimes  colored 
brown  ?  How  may  this  liquid  be  discolored  ? 
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26.  What  advantage  is  taken  of  a  hydrolytic  reaction  in  the 
analysis  of  this  group  ? 

27.  What  results  when  a  solution  of  chromium  hydroxide  in 
sodium  hydroxide  is  boiled  ? 

28.  A  salt  of  a  weak  acid  and  an  active  base  hydrolyzes  according 
to  the  equation  MeX  +  HOH  MeOH  +  HX.  For  the  ionization 
constant  of  the  acid  HX  we  have 


CH+  x  C. 


MK, 


/HX 


For  water  we  have  Ch+  X  Coh~  —  Knon  =  1  X  10~14. 
By  combining  these  equations  we  obtain 


Cx- 


Kr 


Chx  x  C( 


It  must  be  understood  that  the  symbols  represent  the  total  con¬ 
centrations  of  the  respective  ions  and  molecules  in  solution  after 
a  condition  of  equilibrium  is  reached.  Since  almost  the  entire  con¬ 
centrations  of  Xp  and  of  OH-  result  from  the  ionization  of  MeX 
and  MeOH  respectively,  and  since  both  the  salt  MeX  and  the  base 
MeOH  are  ionized  almost  completely,  and  to  very  nearly  the  same 
degree,  we  may  write 

K 


Chx  X  Ci 


Kr 


Or  we  may  represent  these  relations  by  an  expression 

Csalt  -^acid 


'free  acid 


x  Cf 


Kx 


=  hydrolytic  constant. 


If  the  ionization  constant  for  hydrocyanic  acid  is  7.2  x  10~10  at 
25°,  calculate  the  percentage  of  hydrolysis  of  potassium  cyanide  in 
a  molar  solution  of  the  salt.  The  concentrations  of  the  free  acid 
and  free  base  are  equal,  and  each  concentration  may  be  denoted 
by  x.  Then  1  —  x  will  represent  the  concentration  of  the  non- 
hydrolyzed  salt. 

29.  Show  that  for  the  hydrolysis  of  a  salt  of  an  active  acid  and 
a  weak  base  the  following  expression  holds  : 

-^base  _  Csalt 


/free  acid 


x  Cf 


CHAPTER  Y 


PRECIPITATION  BY  HYDROGEN  SULFIDE,  COMPLEX 
IONS,  COLLOIDAL  CONDITION,  AND  GROUP  II 

Precipitation  by  Hydrogen  Sulfide 

The  members  of  Group  III,  except  chromium  and  aluminium, 
are  precipitated  in  alkaline  solution  by  hydrogen  sulfide  as 
sulfides.  A  concentration  of  the  hydrogen  ion  of  0.20  to  0.25- 
normal  will  prevent  the  precipitation  of  the  ions  of  this  group. 
Under  an  identical  condition  of  acidity  the  metal  ions  of  the 
second  group  are  almost  completely  precipitated  as  sulfides  by 
the  same  reagent.  Advantage  is  taken  of  this  fact  in  separat¬ 
ing  the  ions  of  the  two  groups.  It  is  important  to  note  that, 
although  hydrogen  sulfide  may  be  successfully  used  for  this 
purpose,  serious  errors  are  likely  to  result  unless  exceedingly 
great  care  is  taken  in  its  application.  Hence,  we  shall  consider 
the  precipitation  by  hydrogen  sulfide  with  a  view  of  obviating 
the  difficulties  which  are  likely  to  arise  from  its  use. 

Dissociation  of  hydrogen  sulfide.  It  has  been  pointed  out 
(p.  43)  that  hydrogen  sulfide,  like  other  dibasic  acids,  disso¬ 
ciates  into  hydrogen  and  hydrosulfide  ions,  and  that  the  latter 
ions  yield  by  secondary  ionization  hydrogen  ions  and  sulfide 
ions.  The  metal  ions  of  the  second  group  are  precipitated  as 
sulfides,  and  for  this  reason  we  are  interested  in  the  concentration 
of  the  sulfide  ion  in  any  instance.1  This  becomes  evident  when 
we  take  into  consideration  the  fact  that  the  precipitation  or  non¬ 
precipitation  of  a  given  metal  ion  depends  upon  the  product  of 
the  concentration  of  this  ion  and  that  of  the  sulfide  ion.  According 

1  Although  the  hydrosulfide  ion  may  play  some  part  in  precipitating  the 
metal  ions  of  this  group,  the  main  effegt  seems  to  be  due  to  the  sulfide  ion, 
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to  Knox,  in  a  saturated  solution  of  hydrogen  sulfide  at  25°  the 
concentrations  of  the  hydrogen  ion  and  the  hydrosulfide  ion 1 
are  each  0.95  x  10~4.  By  substituting  this  value  in  equation 

(28),  ^H+  x  ^s_  =  lc^  we  find  that  the  concentration  of  the 
Chs- 

sulfide  ion  in  the  solution  is  1.2  x  10-15.  We  have  found  that 
the  hydrolysis  of  sodium  sulfide  (p.  74)  is  very  nearly  complete : 
Na2S  +  H20  ^=±NaOH  +  NaHS.  Even  though  this  is  the  case, 
the  concentration  of  the  sulfide  ion  in  such  a  solution  is  very 
large  as  compared  to  1.2  xlO-15  for  a  saturated  solution  of 
hydrogen  sulfide  at  25°  and  under  one  atmosphere  of  pressure. 

Ammonium  sulfide,  which  is  used  to  precipitate  the  metal 
ions  of  Group  III,  is  a  salt  of  a  weak  base  and  an  extremely 
feeble  acid.  Consequently,  it  is  more  completely  hydrolyzed 
than  sodium  sulfide.  Even  so,  the  concentration  of  the  sulfide 
ion  which  is  given  by  a  0.1 -normal  solution  of  the  ammonium 
salt  is  far  greater  than  that  given  by  hydrogen  sulfide. 

It  may  become  apparent  that  either  ammonium  sulfide  or 
sodium  sulfide  will  precipitate  sulfides  of  metals,  while  hydrogen 
sulfide,  in  neutral  or  acid  solution,  will  fail  to  produce  any 
precipitate.  This  is  true  with  some  of  the  less  difficultly  soluble 
sulfides  such  as  ferrous  sulfide.  Thus,  if  a  0.1-molar  solution 
of  ferrous  sulfate  is  saturated  with  hydrogen  sulfide  under 
atmospheric  pressure,  no  precipitation  takes  place.  Ferrous 
sulfide  is  precipitated,  however,  from  the  same  solution  by 
ammonium  sulfide.  In  the  one  case  the  product  of  the  concen¬ 
trations  of  the  ions  Fe++  and  S=  is  less  than  the  ion  product 
for  a  saturated  solution  of  ferrous  sulfide ;  in  the  other  the 
product  of  the  ions  is  greater.  This  explains  the  fact  that  with 
H2S  no  precipitate  is  obtained,  while  with  (NH4)2S  a  precipitate 
is  produced.  The  addition  of  a  highly  ionized  hydroxide  such 
as  NaOH  to  a  solution  of  a  salt  of  hydrogen  sulfide  causes  a 
marked  increase  in  the  concentration  of  the  sulfide  ion.  Why? 

1  There  is  a  small  difference  between  the  concentrations  of  these  two  ions, 
but  it  is  so  small  as  to  be  negligible. 
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Effect  of  the  concentration  of  the  hydrogen  ion  on  the  concen¬ 
tration  of  the  sulfide  ion.  The  concentration  of  the  sulfide  ion 
in  a  saturated  solution  of  hydrogen  sulfide  is  only  1.2  x  10-15, 
as  previously  stated.  If  to  this  solution  some  active  acid  (for 
example,  HC1)  is  added,  the  concentration  of  the  sulfide  ion  is 
greatly  reduced.  This  reduction  is  attributed  to  the  common  ion 
effect  or,  in  this  instance,  to  the  increased  concentration  of  the 
hydrogen  ion.  Thus,  if  the  hydrogen  sulfide  solution  (0.1-molar) 
contains  sufficient  hydrogen  chloride  to  make  the  concentration 
of  the  latter  0.1-normal,  then  the  concentration  of  the  sulfide  ion 
becomes  1.8  x  10-21.  If  the  acid  is  0.2-normal,  the  concentration 
of  the  sulfide  ion  is  reduced  to  the  value  8.5  x  10-22.  In  general,  as 
the  concentration  of  the  hydrogen  ion  increases,  that  of  the  sulfide 
ion  decreases,  for  the  concentration  of  the  latter  ion  is  inversely 
proportional  to  the  square  of  the  concentration  of  the  former. 

Conditions  for  the  precipitation  of  zinc  sulfide.  When  a  0.1- 
molar  solution  of  manganous  sulfate  is  saturated  with  hydrogen 
sulfide,  no  precipitate  is  formed.  If,  however,  a  solution  of  zinc 
sulfate  of  the  same  concentration  is  saturated  with  the  gas,  a 
copious  white  precipitate  results.  Now,  the  two  sulfates  are 
analogous  salts  and  are  ionized  at  the  given  dilution  to  very 
nearly  the  same  extent.  Hence  the  product  of  CMn++  X  Cs=  is 
nearly  equal  to  the  value  of  CZu++  X  Cs=.  The  first  value  is  less 
than  that  of  a  saturated  solution  of  manganous  sulfide ;  the  sec¬ 
ond  is  greater  than  that  of  a  saturated  solution  of  zinc  sulfide. 
Since  the  ion-product  constants  are  the  measures  of  the  solubili¬ 
ties  of  these  salts  in  water,  we  must  conclude  that  zinc  sulfide 
is  the  less  soluble  of  the  two.  According  to  the  table  of  ion- 
product  constants  (see  Appendix)  the  value  of  CMn++  X  Cs= 
in  a  saturated  solution  of  the  sulfide  is  1.4  x  10-15.1  If  we  substi¬ 
tute  this  value  in  the  equation  for  the  ion-product  constant, 

we  have  ^  „  -t  a  ia_is 

Cmii++  X  Cs=  —  1*4  X  10 


1  On  account  of  hydrolysis  the  quantitative  measurements  of  the  solubility 
of  this  and  other  sulfides  are  somewhat  open  to  question  and  are  not  to  be 
taken  as  exact. 
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The  concentration  of  S=  is  known  to  be  1.2  xl0~15,  and  hence, 
by  transposing  and  substituting  the  numerical  value  for  S=,  the 
equation  becomes 

1  4  X  10-15 

Cm.++  =  x’a  x  10^  =  1-17  gram  ions- 

This  means  that  in  order  to  precipitate  manganous  sulfide  with 
hydrogen  sulfide  the  concentration  of  the  manganous  ion  must 
be  1.17  gram  ions  per  liter  of  solution.  The  ion  product  of 
zinc  sulfide  is  1.2  xlO-23.  Hence  we  have 

1  9  v  1  0-23 

Czn++  =  £Txl0-15  =  Q,QQQQQQQ1  Sram  ion> 

which  shows  that  only  a  little  more  than  1  x  10-8  gram  ion  of 
the  zinc  ion  must  be  present  in  a  liter  of  solution  in  order  that 
a  precipitate  of  zinc  sulfide  may  be  produced.  As  stated  in 
the  foregoing  footnote,  the  quantitative  measurements  of  the 
solubilities  of  these  sulfides  are  open  to  question ;  but  the 
explanation  of  the  nonprecipitation  of  manganous  sulfide  and 
the  precipitation  of  zinc  sulfide,  which  was  based  upon  the  appli¬ 
cation  of  the  principle  of  ion-product  constancy,  can  be  verified 
by  experiment. 

Suppose,  for  example,  we  prepare  a  solution  containing  one- 
tenth  of  a  mole  of  each  of  the  salts,  zinc  sulfate  and  ferrous 
sulfate,  in  each  liter  of  solution.  If  we  add  to  this  solution, 
drop  by  drop,  a  solution  of  ammonium  sulfide  which  gives  a 
sufficient  concentration  of  the  sulfide  ion  to  precipitate  ferrous 
sulfide,  we  observe  that  at  first  a  white  precipitate  of  zinc  sulfide 
only  is  obtained.  This  is  what  we  should  expect  when  we 
consider  the  principle  of  fractional  precipitation  (p.  66),  since 
ferrous  sulfide  is  far  more  soluble  than  zinc  sulfide.  It  is  in 
this  way  that  we  may  obtain  information  in  regard  to  the 
relative  solubilities  of  the  sulfides  of  the  two  metals.  When, 
however,  a  sufficient  number  of  the  zinc  ions  have  been  removed 
by  precipitation,  a  further  addition  of  ammonium  sulfide  will 
precipitate  ferrous  sulfide. 
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One  might  infer  from  the  previous  considerations  that  the 
zinc  ion  is  almost  completely  precipitated  from  a  solution  of 
a  zinc  salt  with  hydrogen  sulfide ;  but  such  is  not  the  case.  It 
will  be  found  that  the  solution  from  which  zinc  sulfide  is  pre¬ 
cipitated  with  II2S  is  strongly  acidic,  as  would  be  expected 
from  the  equation  representing  the  reaction: 

H2S  +  ZnS04  ^z±  ZnS  +  H2S04. 

The  active  acid  (H2S04)  which  is  produced  represses  the  ioniza¬ 
tion  of  hydrogen  sulfide  and  thereby  causes  a  diminution  in  the 
concentration  of  the  sulfide  ion.  Hence,  it  is  evident  that  the 
zinc  ion  is  incompletely  precipitated. 

If  zinc  acetate  is  substituted  for  the  sulfate,  then  the  precipi¬ 
tation  of  the  sulfide  is  very  nearly  complete.  The  acetic  acid 
which  is  produced  is  not  sufficiently  ionized  to  repress  the  ioni¬ 
zation  of  hydrogen  sulfide  to  any  great  extent.  Zinc  sulfide 
may  be  precipitated,  therefore,  in  the  presence  of  acetic  acid. 
The  presence  of  sodium  acetate,  however,  causes  a  more  com¬ 
plete  precipitation  of  the  sulfide.  Why  ?  Also,  from  a  solution 
containing  sodium  acetate  and  acetic  acid,  hydrogen  sulfide  pre¬ 
cipitates  the  sulfides  of  cobalt  and  nickel  when  the  ions  of  these 
metals  are  present. 

Zinc  sulfide,  then,  is  best  precipitated  by  the  alkali  sulfides. 
It  may  be  precipitated  almost  completely  by  hydrogen  sulfide 
from  an  acetic  acid  solution  containing  sodium  acetate.  The 
presence  of  the  hydrogen  ion  of  the  concentration  of  0.20  of  a 
gram  ion  per  liter  is  sufficient  to  prevent  the  precipitation  of 
zinc  sulfide.  It  should  be  understood  that  in  solutions  contain¬ 
ing  salts  of  weak  acids  like  acetic  and  boric  acids,  the  addition  of 
sufficient  HC1  to  make  a  0.2-normal  solution  of  the  acid  may  not 
prevent  the  precipitation  of  sulfides  of  cobalt,  nickel,  and  zinc. 
This  is  due  to  the  fact  that  the  hydrochloric  acid  acts  by  double 
decomposition  with  these  salts  to  produce  a  less  highly  ionized 
acid.  The  final  concentration  of  the  hydrogen  ion  may  be  too 
low  to  prevent  the  precipitation  of  the  sulfide  in  question. 
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Hence,  it  is  necessary  to  have  some  means  of  determining  the 
acidity  of  the  solution  under  analysis  (see  Exp.  15,  e). 

Conditions  for  the  precipitation  of  cadmium  sulfide.  The  pre¬ 
cipitation  of  cadmium  sulfide  takes  place  when  the  product  of 
the  concentrations  of  the  cadmium  ion  and  the  sulfide  ion  is 
greater  than  3.6  x  10-29.  The  effect  of  the  concentration  of  the 
sulfide  ion  may  be  shown  by  experiment.  If  5  cc.  of  a  molar 
solution  of  cadmium  chloride  is  acidified  with  10  cc.  of -2. 4-normal 
hydrochloric  acid  and  the  liquid  is  saturated  with  hydrogen  sul¬ 
fide,  a  precipitate  of  cadmium  sulfide  is  produced.  When  an 
inert  gas  is  passed  into  the  mixture,  some  of  the  hydrogen  sulfide 
is  removed  mechanically.  According  to  the  equations 


H  S 

•n2^gaseous 


h2s 

CdCl 


2H+  +  S= 
2C1-  +  Cd+  + 

fi  ii 

2  HC1  CdS, 


if  some  of  the  H2S  is  removed,  some  cadmium  sulfide  will  dis¬ 
solve.  Under  these  conditions  a  sufficient  amount  of  the  gas  is 
driven  out  to  cause  the  equilibrium  to  shift  until  all  the  cadmium 
sulfide  is  dissolved. 

In  the  presence  of  0.2-normal  hydrochloric  acid  the  concen¬ 
tration  of  the  sulfide  ion  in  a  saturated  solution  of  hydrogen 
sulfide  is  3.5  x  10-22.  By  substituting  this  value  for  the  sulfide 

ion  in  the  equation 

4  ^  3.6  x  10-29 

CCd++  =  - £ - 

we  have 

Qfi  Y1  0~29 

Ccd++  =  3^  x  1Q_21  =  0.0000001  gram  ion. 


This  is  the  concentration  of  the  cadmium  ion  which  is  necessary 
in  order  to  obtain  a  saturated  solution  of  the  sulfide,  and  any  ions 
in  addition  to  those  required  to  give  this  concentration  will  be 
precipitated  by  hydrogen  sulfide.  If  the  acid  concentration  is  too 
high,  either  the  cadmium  ions  are  incompletely  precipitated  or 


112 


QUALITATIVE  CHEMICAL  ANALYSIS 


they  remain  entirely  in  solution  (Exp.  15,  d).  The  sulfide  is 
quantitatively  precipitated  from  a  hydrochloric  acid  solution  of 
0.25  normality.  The  sulfides  of  the  other  metals  of  Group  II 
are  less  soluble  than  cadmium  sulfide  (see  table  of  ion-product 
constants  in  the  Appendix). 

Separation  of  Groups  II  and  III.  It  is  evident  from  the  previ¬ 
ous  considerations  that  too  great  a  concentration  of  the  hydrogen 
ion  will  prevent  the  quantitative  precipitation  of  the  cadmium 
ion.1  On  the  other  hand,  if  the  concentration  of  the  H+  falls  too 
low,  the  ions  of  zinc,  cobalt,  and  nickel,  if  present,  will  be  pre¬ 
cipitated.  The  problem  resolves  itself  into  the  selection  of  the 
proper  concentration  of  the  hydrogen  ion  to  allow  for  the  pre¬ 
cipitation  of  Group  II  and  to  prevent  the  precipitation  of  any 
ions  of  Group  III.  A  hydrogen-ion  concentration  equivalent  to 
that  produced  by  a  0.2-0.25-normal  solution  of  hydrochloric 
acid  is  the  desirable  one  for  the  separation  of  these  groups.  It 
should  be  noted  that  pentavalent  arsenic  is  more  rapidly  precipi¬ 
tated  as  the  sulfide  from  a  solution  of  greater  acidity.  This  diffi¬ 
culty  is  largely  overcome  by  passing  a  rapid  stream  of  hydrogen 
sulfide  into  the  heated  solution  (Proc.  IV,  1). 

Complex  Ions 

Attention  has  been  called  to  the  fact  that  freshly  prepared 
solutions  of  potassium  ferrocyanide  and  potassium  ferricyanide 
do  not  give  reactions  for  either  the  ferrous  ion  or  the  ferric  ion. 
The  separation  of  the  ions  of  cobalt  and  nickel  by  the  cyanide 
method  is  based  upon  the  great  stability  of  the  cobalticyanide 
ion.  This  ion  does  not  yield  a  sufficient  concentration  of  the 
cobaltic  ion  to  produce  a  precipitate  of  cobaltic  hydroxide  in  the 
presence  of  a  highly  ionized  base  such  as  sodium  hydroxide.  On 
the  one  hand,  complex  ions  are  of  considerable  applicability  in 
analytical  work,  while,  on  the  other,  they  may  lead  to  serious 
complications.  Hence,  we  shall  consider  the  theory  of  complex 

1  Also,  the  ions  of  tin  and  antimony  may  be  precipitated  incompletely. 
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ions  from  two  points  of  view,  namely,  their  applications  to 
analysis  and  the  precautions  which  their  presence  necessitates. 

The  ammonioargentic  ion  and  the  argenticyanide  ion.  There 
are  a  considerable  number  of  reactions  involving  the  forma¬ 
tion  of  complex  ions  which  are  of  great  importance  in  the 
separation  and  detection  of  ions.  For  example,  silver  chloride 
is  separated  from  mercurous  chloride  by  ammonium  hydroxide. 
This  separation  is  brought  about  through  the  production  of 
the  ammonioargentic  ion.  To  understand  why  ammonium 
hydroxide  dissolves  such  a  difficultly  soluble  precipitate  as 
silver  chloride  we  must  know  something  of  the  nature  of  this 
complex  ion. 

When  ammonium  hydroxide  is  added  to  a  solution  of  silver 
nitrate,  there  is  formed  at  first  a  precipitate  of  silver  oxide 
and  some  silver  hydroxide.  If  the  addition  of  the  ammonium 
hydroxide  is  continued,  all  the  precipitate  dissolves.  This  is 
contrary  to  what  we  should  expect  according  to  the  law  of 
chemical  equilibrium,  since  the  concentration  of  the  hydroxyl 
ion  is  increased,  and  for  this  reason  one  would  think  that  the 
amount  of  precipitate  should  increase.  We  cannot  account  for 
the  solubility  of  the  precipitate  in  an  excess  of  the  reagent  on 
the  ground  that  the  oxide  of  silver  is  amphoteric.  This  is 
evident  from  the  fact  that  the  oxide  is  insoluble  in  sodium 
hydroxide.  Indeed,  the  precipitation  of  silver  oxide  from  a  sil¬ 
ver  nitrate  solution  is  rendered  more  complete  by  an  excess  of 
sodium  hydroxide.  It  is  clear,  then,  that  the  solvent  action  of 
ammonium  hydroxide  is  not  due  to  its  basic  properties. 

Silver  oxide,  as  well  as  silver  chloride,  dissolves  readily  in  an 
excess  of  ammonium  hydroxide,  giving  the  complex  cation 
Ag(NH8V: 

Ag+  +  2  NHS  +  OH-  Ag(NH3)2OH. 

In  the  solution  we  have  the  ammonioargentic  ion  and  ammonio¬ 
argentic  hydroxide.  According  to  Bonsdorff1  the  hydroxide  is 

1  Berichte  der  deutschen  chemischen  Gesellschaft,  36  (1903),  2324. 
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a  stronger  base  than  barium  hydroxide.  Thus  it  is  capable  of 
forming  salts.  Like  ammonium  hydroxide,  this  complex  base 
exists  only  in  solution. 

The  complex  ion  dissociates  into  ammonia  and  the  silver  ion : 

Ag(NH3)2+  qzzfc  Ag+  +  2  NH3. 

The  equilibrium  may  be  expressed  mathematically  as  follows : 
CAg+  x  Cnh„  _  K 

instability* 

Ag(NH3)2+ 

The  value  of  the  constant  is  a  measure  of  the  stability  of  the 
complex  ion.  This  value  as  given  by  Bodlander  is  6.8  x  10~8 
at  25°.  It  may  be  seen  by  an  inspection  of  the  equation  for  the 
instability  constant  that  an  excess  of  ammonia  would  repress 
the  concentration  of  the  silver  ion. 

At  25°  the  ion  product  of  silver  chloride, 

CAg+  X  Cci  ■^'ion  product’ 

is  0.0915.  An  excess  of  ammonia  will  reduce  the  concentration 
of  the  silver  ion  so  low  that  the  product  of  the  concentra¬ 
tions  1  of  the  silver  ion  and  the  chloride  ion  is  less  than  the  ion- 
product  constant  for  these  ions.  From  this  it  is  clear  why  silver 
chloride  is  soluble  in  ammonium  hydroxide. 

Silver  bromide  is  less  readily  soluble  than  the  chloride,  but 
dissolves  in  concentrated  ammonium  hydroxide  with  the  forma¬ 
tion  of  the  same  complex  ion.  Silver  iodide  is  scarcely  soluble 
at  all  in  the  hydroxide.  The  complex  ion  in  a  normal  solution 
of  ammonium  hydroxide  gives  a  lower  concentration  of  the 
silver  ion  than  does  a  saturated  solution  of  silver  chloride,  but 
a  much  higher  one  than  silver  iodide.  It  is  for  this  reason 
that  the  latter  salt  is  almost  insoluble  in  ammonium  hydroxide, 
while  the  former  is  readily  soluble. 

When  potassium  cyanide  is  added  to  a  solution  of  silver 
nitrate,  a  white  precipitate  of  silver  cyanide  is  formed.  If  the 

1  For  more  exact  relations  see  Steiglitz’s  "  Qualitative  Chemical  Analysis,” 
Yol.  I,  pp.  220-223  (1912). 
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cyanide  is  added  in  excess,  the  precipitate  dissolves: 

AgCN  +  KCN  =  KAg(CN)2. 

In  this  case  the  silver  forms  a  part  of  the  complex  anion 
Ag(CN)2".  The  instability  constant  of  this  ion  is  much  less 
than  that  of  the  ammonia  complex.  All  three  of  the  silver 
halides  are  soluble  in  potassium  cyanide.  According  to  Bod- 
lander  the  instability  constant  of  the  argenticyanide  complex 
is  1  x  10~21. 

Complex  ions  of  cadmium  and  copper.  The  hydroxides  of  both 
copper  and  cadmium  are  soluble  in  an  excess  of  ammonium 
hydroxide  on  account  of  the  formation  of  the  complex  ions 
Cu(NH3)4++  and  Cd(NH3)4++.  The  first  of  these  is  blue,  and 
its  formation  is  a  characteristic  test  for  the  cupric  ion.  Bismuth 
forms  no  complex  ion  with  ammonia,  and  for  this  reason  it  is 
separated,  as  bismuth  hydroxide,  from  the  ions  of  copper  and 
cadmium,  by  the  use  of  ammonium  hydroxide.  It  is  the  usual 
rule  that  the'  number  of  NH3  groups  in  an  ammonio  complex 
ion  is  twice  the  valency  of  the  metal  ion  which  enters  into  the 
complex.  Co(NH3)6++  is  an  exception. 

Like  silver,  both  copper  and  cadmium  are  capable  of  forming 
complex  ions  with  the  cyanide  ion.  These  ions,  like  other 
complexes,  possess  a  greater  or  less  degree  of  stability.  These 
ions  are  of  considerable  value  in  analysis,  since  we  can  make 
use  of  the  differences  in  their  stability  in  the  detection  of  the 
cadmium  ion  in  the  presence  of  copper  salts  (see  Exps.  15,  c, 
and  16,  <?).  The  characteristic  test  for  the  cadmium  ion  is  the 
formation  of  yellow  cadmium  sulfide.  It  is  true  that  the  com¬ 
pounds  of  cadmium  and  copper  in  most  instances  show  an 
analogous  set  of  chemical  and  physical  properties.  Hence,  the 
cupric  ion  and  the  cadmium  ion  give,  for  the  most  part,  the  same 
analytical  reactions.  It  is  evident  that  if  the  sulfides  of  the 
two  metals  are  precipitated  together,  the  black  copper  sulfide 
may  entirely  mask  the  yellow  cadmium  sulfide.  To  prevent 
the  precipitation  of  copper  sulfide  the  cupric  ion  is  converted 
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by  an  excess  of  potassium  cyanide  into  the  extremely  stable 
anion  Cu(CN)2".  From  a  solution  containing  this  ion  hydrogen 
sulfide  fails  to  give  a  precipitate.  The  cadmium  ion  forms  a 
complex  anion  (Cd(CN)4  )  with  the  cyanide  ion,  but  this 
complex  yields  a  sufficient  concentration  of  the  Cd++  to  give  a 
precipitate  of  cadmium  sulfide.  What  effect  would  an  excess 
of  potassium  cyanide  have  on  the  concentration  of  the  ions  of 
copper  and  cadmium  ? 

Complications.  The  formation  of  complex  ions  gives  us  suit¬ 
able  methods  of  separating  and  identifying  closely  related  ions. 
Care  must  be  taken  to  identify  an  ion  before  it  is  converted 
into  an  extremely  stable  complex.  It  is  evident  that  solutions 
of  K3Co(CN)6  and  KCu(CN)2  would  not  respond  to  the 
ordinary  tests  for  ions  of  cobalt  or  copper.  The  same  is  true 
of  the  complex  cyanides  of  ferrous  iron  and  ferric  iron.  At 
times  the  destruction  of  these  as  well  as  some  other  complex 
ions  becomes  necessary  in  analytical  work.  To  this  end  the 
material  under  investigation  may  be  evaporated  to  dryness  with 
sulfuric  acid  or  fused  with  sodium  or  potassium  carbonate. 

Colloidal  Condition 

Often  in  qualitative  analysis  we  find  that  a  sparingly  soluble 
substance  is  formed  in  such  quantities  that  we  should  expect  it 
to  precipitate.  Up  to  this  time,  except  in  the  case  of  nickel 
sulfide,  we  have  explained  this  phenomenon  on  the  basis  of 
supersaturation.  Nickel  sulfide  is  produced  by  ammonium  sul¬ 
fide  from  a  solution  of  a  nickel  salt  in  a  concentration  far 
above  its  point  of  saturation  without  the  production  of  a  pre¬ 
cipitate' or  without  the  formation  of  a  supersaturated  solution. 
If  the  brown  filtrate  from  Proc.  Ill,  1,  is  neutralized  with  acetic 
acid  and  raised  to  the  boiling  point,  nickel  sulfide  precipitates. 
Again,  if  hydrogen  sulfide  is  passed  into  an  aqueous  solution 
of  arsenous  oxide,  the  solution  takes  on  the  color  of  arsenous 
sulfide  and  becomes  opalescent,  but  no  precipitate  is  produced. 
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The  liquid  may  be  filtered  without  change.  When  it  is  acidified 
with  hydrochloric  acid,  a  precipitate  of  arsenous  sulfide  is  im¬ 
mediately  produced.  The  precipitation  of  the  sulfide  cannot 
be  effected  by  the  addition  of  solid  arsenous  sulfide  to  the 
opalescent  liquid.  Hence  the  condition  is  not  one  of  super¬ 
saturation.  Substances  which  show  the  behavior  of  the  sulfides 
of  nickel  and  arsenous  arsenic  in  seeming  to  dissolve  beyond 
their  saturation  point  and  not  forming  supersaturated  solutions 
are  said  to  be  in  the  colloidal  condition. 

Difficultly  soluble  gelatinous  substances  very  commonly  pass 
into  the  colloidal  condition.  It  was  formerly  thought  that 
colloidal  substances  formed  true  solutions,  but  later  observations 
with  the  ultramicroscope  indicate  that  these  substances  are 
really  suspended  in  the  liquid  phase  as  minute  particles.  Evi¬ 
dently  the  formation  of  colloidal  suspensions  interferes  with 
the  precipitation  of  difficultly  soluble  substances,  and  because 
most  separations  of  qualitative  analysis  are  based  upon  the  for¬ 
mation  of  precipitates,  we  are  mainly  interested  in  the  colloidal 
condition  as  one  to  be  avoided. 

The  suspended  particles  of  most  colloids  are  charged  either 
positively  or  negatively ;  that  is,  a  difference  of  potential  exists 
between  these  bodies  and  the  liquid  in  which  they  are  sus¬ 
pended.  For  example,  the  particles  of  arsenous  sulfide  in 
colloidal  suspension  are  negatively  charged  with  respect  to  the 
solution  in  contact  with  them.  The  converse  of  this  is  true  for 
ferric  hydroxide.  In  general,  basic  substances  such  as  hydroxides 
of  chromium,  aluminium,  and  ferric  iron  are  charged  positively. 
On  the  other  hand,  silicic  and  stannic  acids,  the  sulfides  of 
arsenic  etc.,  and  the  halides  of  silver  carry  negative  charges. 

Substances  which  carry  electrical  charges  in  the  colloidal 
condition  are  precipitated  by  the  addition  of  an  electrolyte. 
The  positively  charged  colloidal  particles  are  precipitated  by 
the  anions  of  the  electrolyte ;  the  negatively  charged  particles, 
by  the  cations.  By  adsorption  the  colloidal  material  carries 
down  with  it  some  of  the  precipitating  ions.  The  effectiveness 
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of  ions  for  precipitating  colloids  increases  greatly  with  the 
valency  of  the  ion.  Thus,  trivalent  ions  have  a  greater  pre¬ 
cipitating  power  than  bivalent  ions;  the  univalent,  less  than 
the  bivalent. 

Care  must  be  taken  in  washing  certain  precipitates  with  pure 
water.  Not  only  .is  a  precipitate  more  soluble  in  water  than  in 
a  solution  containing  some  of  the  precipitating  reagent,  but  in 
the  absence  of  an  electrolyte  some  or  all  of  the  precipitate  may 
pass  into  the  colloidal  condition.  Precipitates  which  show  such 
tendency  should  be  washed  with  a  solution  of  some  indifferent 
electrolyte  rather  than  with  pure  water  (see  Proc.  IV,  1). 

Some  colloidal  particles  are  but  little  charged.  Sometimes  the 
charge  is  negative  in  alkaline  solution  and  changes  to  positive 
when  the  liquid  is  acidified.  Some  of  the  substances  (for  exam¬ 
ple,  albumin,  gelatin,  and  tannic  acid)  hinder  the  precipitation 
of  substances,  probably  by  forming  protective  films  around  the 
particles  of  these  substances.  These  colloids  are  not  sensitive 
to  electrolytes  and  for  this  reason  may  not  be  precipitated. 
Hence,  it  is  necessary  to  destroy  colloids  of  this  type  before 
proceeding  with  the  analysis.  Their  destruction  is  usually 
accomplished  by  oxidation. 

Group  II 

A  discussion  of  Procedure  IV.  Hydrogen  sulfide  is  used  to 
precipitate  the  ions  of  this  group  from  an  acid  solution.  If  the 
solution  under  examination,  before  it  is  treated  with  HjS,  gives 
a  white  precipitate  when  it  is  diluted  with  water,  the  presence 
of  the  ions  of  bismuth,  antimony,  or  both  is  indicated.  This 
dilution  is  often  made  to  reduce  the  hydrogen-ion  concentra¬ 
tion,  and  in  case  a  precipitate  is  formed  it  is  not  necessary  to 
remove  it  by  filtration  or  to  dissolve  it  before  hydrogen  sulfide 
is  used. 

Pentavalent  arsenic  is  the  most  difficult  member  to  be  pre¬ 
cipitated  as  the  sulfide.  Rather  rapid  precipitation  of  As2S5  may 
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be  effected  by  saturating  the  solution  at  room  temperature  with 
hydrogen  sulfide.  The  mixture  is  then  heated  to  about  90°,  and 
more  of  the  gas  introduced.  Foster1  has  shown  that  at  various 
conditions  of  acidity  a  rapid  stream  of  hydrogen  sulfide  precipi¬ 
tates,  for  the  most  part,  arsenic  sulfide  from  a  solution  of  arsenic 
acid.  Both  heat  and  a  high  concentration  of  the  hydrogen  ion 
favor  the  precipitation  of  the  trisulfide  of  arsenic.  A  low  con¬ 
centration  of  acid  and  a  low  temperature  at  the  beginning  of  the 
hydrogen-sulfide  treatment  favor  the  formation  of  the  penta- 
sulfide.  In  any  case  the  production  of  As2S3  results  from  the 
decomposition  of  the  compound  H3As03S  into  sulfur  and 
arsenous  acid.  The  latter  compound  gives  the  trisulfide  when 
treated  with  hydrogen  sulfide. 

The  sulfides  of  arsenic,  stannic  tin,  and  cadmium  are  yellow ; 
those  of  antimony  are  orange ;  all  the  other  sulfides  are  brown 
or  black.  When  H2S  is  first  passed  into  a  solution  of  a  mercuric 
salt  (for  example,  the  chloride),  a  white  compound  HgS  •  HgCl2 
is  precipitated  but  changes  to  the  black  sulfide  when  more  of 
the  gas  is  introduced. 

After  these  sulfides  are  precipitated,  those  of  arsenic,  mercuric 
mercury,  tin,  and  antimony  are  separated  from  those  of  lead, 
bismuth,  copper,  and  cadmium  by  digesting  the  precipitate  with 
the  sodium  hydrogen  sulfide  reagent  (p.  125).  Twenty  cubic 
centimeters  of  this  reagent  will  oxidize  600  mg.  of  stannous  tin  to 
the  stannic  condition  when  Proc.  IV,  2,  is  carried  out  as  directed. 
Stannous  sulfide  is  very  nearly  insoluble  in  pure  sodium  hydro¬ 
gen  sulfide.  Mercuric  sulfide  is  very  sparingly  soluble  in  the 
reagent  at  ordinary  temperatures  but  dissolves  quite  readily  at 
the  boiling  point  of  the  mixture.  The  dissolving  results  from 
the  hydrolysis  of  sodium  hydrogen  sulfide  at  this  temperature 
with  the  formation  of  Na2S,  as  is  evident  from  the  fact  that  mer¬ 
curic  sulfide  is  rather  easily  soluble  in  normal  sodium  sulfide. 
The  hydrolysis  is  promoted  by  the  evolution  of  hydrogen  sulfide. 

.  The  soluble  compound  formed  when  HgS  is  boiled  with  the  NaHS 
1  American  Journal  of  Science  (3),  33  (1887),  199. 
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reagent  has  been  given  the  formula  Na2HgS2  or  NagHgS5.  The 
sulfides  of  arsenic,  antimony,  and  tin  dissolve  with  the  formation 
of  their  respective  thio  salts. 

The  residue  from  the  sodium  hydrogen  sulfide  treatment  is 
soluble  in  dilute  nitric  acid.  A  small  amount  of  sulfur  may 
remain  undissolved.  The  separation  of  these  ions  is  then  under¬ 
taken.  The  lead  ion  is  precipitated  as  the  sulfate.  To  the  filtrate 
ammonium  hydroxide  is  added.  The  bismuth  ion  forms  no  com¬ 
plex  ion  with  ammonia,  while  the  ions  of  cadmium  and  copper 
do.  Thus,  the  hydroxide  of  bismuth  remains  undissolved  by  an 
excess  of  ammonium  hydroxide.  The  separation  of  copper  and 
cadmium  was  taken  up  under  the  discussion  of  complex  ions. 

The  salt  Na2HgS2  or  NagHgS5  is  one  of  an  extremely  weak 
acid  and,  as  would  be  expected,  is  readily  hydrolyzed.  In  the 
solution  in  which  it  is  formed  the  hydrolysis  is  brought  about 
by  the  addition  of  ammonium  chloride,  and  mercuric  sulfide  is 
precipitated  quantitatively.  The  solubility  of  mercuric  sulfide, 
as  stated,  depends  upon  the  hydrolysis  of  sodium  hydrogen 
sulfide  with  the  formation  of  sodium  hydroxide  and  normal 
sodium  sulfide.  Ammonium  chloride  acts  with  active  bases  such 
as  NaOH  to  form  little-ionized  ammonium  hydroxide.  In  this 
way  the  sodium  hydroxide  is  removed,  and  as  a  consequence  the 
normal  sulfide  hydrolyzes.  Thus  the  substance  which  dissolved 
the  sulfide  of  mercury  is  removed  from  the  solution.  Hence  the 
reaction  is  reversed  and  mercuric  sulfide  is  precipitated. 

Dilute  hydrochloric  acid  is  added  to  precipitate  the  sulfides 
of  tin,  antimony,  mercury,  and  arsenic.  The  first  two  of  these 
are  separated  from  the  others  by  concentrated  hydrochloric  acid 
in  which  mercuric,  arsenous,  and  arsenic  sulfides  are  almost 
insoluble.  Some  free  sulfur  usually  remains  in  the  residue. 
When  this  residue  is  treated  with  warm  ammonium  hydroxide, 
the  sulfides  of  arsenic  dissolve,  while  HgS  and  most  of  the  sulfur 
remain  unchanged.  After  this  solution  is  acidified  with  nitric 
acid  and  heated  until  the  liquid  is  clear,  arsenic  is  identified 
as  ammonium  arsenomolybdate  by  the  addition  of  ammonium 
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molybdate.  The  use  of  ammonium  hydroxide  to  effect  a  solu- 
tion,  and  the  subsequent  use  of  nitric  acid  to  precipitate  the 
sulfides  of  arsenic  and  to  redissolve  them,  give  a  mixture  con¬ 
taining  ammonium  nitrate  and  nitric  acid,  in  the  presence  of 
which  the  molybdate  test  is  most  sensitive. 

The  separation  of  antimony  and  tin  is  effected  by  reducing 
the  antimonic  ion  to  the  free  element  by  means  of  iron  nails. 
The  reduction  is  carried  out  in  acid  solution.  The  stannic  ion 
is  reduced,  at  the  same  time,  to  the  stannous  ion.  Why  is  tin 
not  set  free  ?  See  Proc.  IY,  10  and  11,  for  the  identification  of 
antimony  and  tin.  If  the  procedure  is  followed  carefully,  any 
metal  of  this  group  may  be  identified  when  as  much  as  from 
0.1  mg.  to  0.5  mg.  of  it  is  present. 

REACTIONS  AND  PROCEDURE  FOR  THE  DETECTION  OF 
THE  IONS  OF  GROUP  II,  DIVISIONS  A  AND  B 

Division  A 

Cadmium  ion,  Cd++ 

Experiment  15.  a.  Add  to  a  solution  of  cadmium  nitrate 
sodium  hydroxide  in  excess.  Is  cadmium  hydroxide  soluble  in 
NaOH  solution? 

b.  Treat  a  cadmium  nitrate  solution  with  an  excess  of  NH  OH. 

4 

Does  a  clear  solution  result  ?  Explain. 

c.  To  a  solution  of  copper  sulfate  and  cadmium  nitrate,  in 
Separate  test  tubes,  add  potassium  cyanide,  a  drop  at  a  time, 
until  the  precipitates  dissolve,  and  then  5  or  6  drops  in  excess. 
Saturate  each  of  these  solutions  with  hydrogen  sulfide.  Explain 
the  results.  Can  this  method  be  used  to  separate  cadmium 
from  copper  ?  What  color  is  cadmium  sulfide  ?  CdS  is  insol¬ 
uble  in  yellow  ammonium  sulfide,  while  the  yellow  sulfides  of 
arsenic  and  stannic  tin  are  soluble. 

d.  Acidify  10  cc.  of  Cd(N03)2  solution  with  2.5  cc.  of  normal 
hydrochloric  acid  and  saturate  the  solution  with  hydrogen  sulfide. 
To  10  cc.  of  0.1-normal  cadmium  nitrate  solution  add  4  cc.  of 
concentrated  HC1  and  saturate  this  solution  with  H„S.  Dilute 
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this  solution  with  eight  or  ten  times  its  volume  of  water  and 
again  treat  it  with  hydrogen  sulfide.  Give  the  results  obtained 
with  these  solutions  and  compare  their  behavior  with  the  be¬ 
havior  of  zinc  solutions  under  like  conditions ;  of  copper  solu¬ 
tions  under  the  same  conditions.  What  effect  has  a  high 

o 

concentration  of  the  hydrogen  ion  (addition  of  a  strong  acid) 
on  the  condition  of  equilibrium  of  H2S  solution  and  on  the  con¬ 
centration  of  S  ?  Explain  and  indicate  by  chemical-equilibrium 
and  physical-equilibrium  equations  all  facts  observed  in  this 
experiment. 

e.  From  Exp.  15,  d,  it  was  learned  that  a  low  concentration 
of  the  H+  is  sufficient  to  prevent  the  precipitation  of  Group  III 1 
and  is  necessary  for  the  complete  precipitation  of  Group  II. 
To  determine  the  proper  hydrogen-ion  concentration,  put  into 
each  of  six  depressions  of  a  porcelain  testing  tile  0.1  cc.  of 
methyl  violet  solution  and  proceed  as  follows:  Treat  one  of 
the  solutions  of  methyl  violet  in  the  depression  with  0.1  cc. 
of  0.5-normal  HC1  and  add  respectively  to  the  other  five  de¬ 
pressions  0.1  cc.  each  of  0.4-,  0.3-,  0.25-,  0.2-,  and  0.1-normal 
hydrochloric  acid.  The  blue-green  tint  given  by  the  0.25-normal 
HC1  indicates  the  concentration  of  hydrogen  ion  recommended 
for  the  precipitation  of  Group  II. 

Copper  ion,  Cu++ 

Experiment  16.  a.  Add  ferrous  ammonium  sulfate  to  a  solu¬ 
tion  of  cupric  sulfate  and  treat  the  mixture  with  potassium 
iodide.  What  is  the  precipitate  ?  Explain.  What  substances 
are  formed  when  a  cupric  sulfate  solution  is  treated  with 
potassium  iodide  ? 

b.  Treat  an  ammoniacal  solution  of  cupric  sulfate  with  KCN 
until  precipitation  is  complete  and  then  add  an  excess  of  KCN. 
Give  equations  to  express  all  the  reactions. 

c.  Treat  a  cupric  sulfate  solution  with  an  excess  of  ammo¬ 
nium  hydroxide.  What  is  formed  ?  Add  to  the  solution 
ammonium  sulfide.  What  is  the  precipitate?  What  is  the 
color  of  the  ammoniocupric  ion  ? 

1  Other  metals  of  Group  III  behave  like  zinc  under  the  given  conditions. 
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d.  Adel  to  a  solution  containing  the  ammoniocupric  ion  a 
little  more  than  enough  KCN  solution  to  discharge  the  blue 
color.  Treat  the  solution  with  (NH4)2S.  Does  any  precipitate 
form  in  this  case  ?  Judging  from  this  experiment  and  the 
previous  one,  which  is  the  more  stable,  the  ammoniocupric 
ion  or  the  cu procyanide  ion,  Cu(CN)2“  ?  Potassium  cyanide 
precipitates  from  a  cupric  salt  cuprous  cyanide.  Explain.  The 
cuprous  cyanide  interacts  with  an  excess  of  potassium  cyanide 
to  give  a  solution  from  which  crystals  of  KCu(CN)2  may  be 
separated.  Ammonium  sulfide  does  not  precipitate  copper  sulfide 
from  the  complex  cyanide  solution. 

e.  To  a  dilute  solution  of  cupric  acetate  add  a  few  drops 
of  K4Fe(dST)6  solution.  The  formation  of  a  reddish-brown 
precipitate  is  a  delicate  test  for  copper. 

Bismuth  ion,  Bi+++ 

Experiment  17.  a.  Pass  H2S  into  a  solution  of  bismuth  nitrate. 
What  is  the  color  of  the  precipitate  ?  Is  the  precipitate  soluble 
in  boiling  dilute  nitric  acid  ? 

b.  Add  to  a  bismuth  nitrate  solution  an  excess  of  ammonium 
hydroxide.  Is  bismuth  hydroxide  soluble  in  an  excess  of 
NH4OH  ?  Divide  the  precipitate,  Bi(OH)3,  into  two  parts 
and  treat  them  by  Exp.  17,  c  and  d. 

c.  Dissolve  one  part  of  the  precipitate,  Bi(OH)3,  in  HC1  and 
add  the  solution  to  50  cc.  of  water.  What  is  the  result  ? 
What  does  this  result  indicate  as  to  the  basic  property  of 
bismuth  hydroxide  ?  Is  Bi(OH)g  soluble,  in  excess  of  NaOH  ? 

d.  Add  to  1  cc.  of  a  stannous  chloride  solution  an  excess  of 
sodium  hydroxide  and  treat  the  other  part  of  the  bismuth 
hydroxide  precipitate  with  the  sodium  stannite  solution.  Give 
equation  and  observation. 

e.  Mix  some  bismuth  nitrate  with  sodium  carbonate  and  heat 
the  salts  on  a  piece  of  charcoal  with  the  reducing  flame  of  a 
blowpipe.  In  this  way  a  brittle  globule  of  metallic  bismuth 
is  easily  obtained.  There  may  be  formed,  on  the  charcoal  near 
the  globule,  an  incrustation  of  bismuth  oxide  which  is  light 
yellow  when  cold  and  somewhat  orange  when  hot, 
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Lead  ion,  Pb++ 

Experiment  18.  a.  Precipitate  lead  chloride  from  10  cc.  of  lead 
nitrate  solution  by  means  of  hydrochloric  acid.  Filter  and  boil 
the  precipitate  with  100  cc.  of  water.  Does  the  chloride  dissolve  ? 
Is  either  AgCl  or  HgCl  soluble  in  hot  water  ?  Pass  H2S  into 
one  half  of  the  filtrate  from  which  PbCl2  was  removed.  Does  a 
precipitate  form  ?  Treat  the  other  half  of  the  filtrate  with  a 
K2Cr04  solution.  What  is  the  precipitate  ?  How  completely 
does  HC1  precipitate  lead  chloride  from  a  Pb(N03)2  solution? 

b.  Add  to  a  solution  of  lead  salt  an  excess  of  sodium 
hydroxide.  Is  Pb(OH)2  soluble  in  NaOH  ?  Has  Pb(OH)2 
any  acidic  property  ?  Is  lead  hydroxide  soluble  in  ammonium 
hydroxide  ?  Explain. 

c.  Treat  a  solution  of  lead  nitrate  with  dilute  sulfuric  acid. 
Why  is  lead  sulfate  soluble  in  sodium  hydroxide  ?  in  concen¬ 
trated  sulfuric  acid  ?  Give  reasons.  Why  does  the  presence 
of  nitric  acid  increase  the  solubility  of  PbS04?  Boil  some 
lead  sulfate  with  a  concentrated  ammonium  acetate  solution. 
Explain  why  the  precipitate  dissolves. 

rf.  To  a  solution  of  lead  sulfate  in  ammonium  acetate  add  a 
Iv2Cr04  solution.  A  yellow  precipitate  of  PbCr04  is  produced. 
Explain  why  this  precipitate  is  formed  under  these  conditions 
and  why  lead  chromate  is  soluble  in  an  excess  of  sodium 
hydroxide  or  an  excess  of  nitric  acid. 

e.  Repeat  Exp.  17,  e,  using  lead  nitrate  instead  of  bismuth 
nitrate.  A  metallic  globule  of  lead  should  be  formed,  together 
with  an  incrustation  of  lead  oxide  on  the  charcoal. 

Division  B 

Stannous  ion,  Sn++  ;  stannic  ion,  Sn++++  ;  stannite  ion,  Sn02”~  ; 
stannate  ion,  Sn03 — 

Experiment  19.  a.  Treat  a  stannous  chloride  solution  with 
sodium  hydroxide  until  no  further  precipitation  is  noticed. 
Treat  a  part  of  the  precipitate  with  an  excess  of  NaOH  solution. 
Does  the  precipitate  dissolve  ?  Add  hydrochloric  acid  to  the 
other  part  of  the  precipitate.  What  is  formed  ? 


GROUP  II 


125 


b.  Pass  hydrogen  sulfide  into  a  solution  of  stannous  chloride. 
What  is  the  brown  precipitate  ?  Is  the  precipitate  soluble  in 
concentrated  hydrochloric  acid  ?  Boil  some  stannous  sulfide 
for  five  minutes  with  sodium  hydrogen  sulfide  mixture.1  Does 
the  sulfide  dissolve  ?  Is  SnS  soluble  in  sodium  hydroxide  ? 
Is  it  soluble  in  yellow  ammonium  sulfide  ?  Does  it  dissolve 
in  colorless  ammonium  sulfide  ?  Give  equations. 

c.  Add  to  a  stannous  chloride  solution  a  few  drops  of  mer¬ 
curic  chloride.  Note  the  formation  of  a  white  precipitate  which 
gradually  turns  gray.  Give  two  equations  to  express  the  oxi¬ 
dation  and  reduction  which  takes  place.  Do  these  reactions 
give  a  characteristic  test  for  the  stannous  ion  ? 

d  To  1  cc.  of  a  very  dilute  solution  of  ammonium  molyb¬ 
date  add  a  drop  or  two  of  a  dilute  stannous  chloride  solution. 
A  blue  color  results,  due  to  the  reduction  of  the  molybdenum. 

e.  To  a  solution  of  stannous  sulfide  in  ammonium  polysulfide 
add  sufficient  dilute  hydrochloric  acid  to  completely  precipitate 
SnS2.  Dissolve  the  precipitate  in  hot  concentrated  hydrochloric 
acid  and  boil  the  solution  to  remove  all  hydrogen  sulfide. 
Divide  the  solution  into  two  portions.  Treat  one  portion  with 
mercuric  chloride  solution.  Does  any  action  take  place?  Add 
to  the  other  portion  a  steel  nail  or  two  and  after  a  few  minutes 
test  the  solution  for  stannous  tin  with  HgCl2  solution.  Explain 
all  observations  and  give  equations.  Is  stannic  sulfide  soluble 
in  concentrated  HC1  ?  What  is  the  color  of  SnS2? 

/.  Boil  some  stannous  chloride  with  nitric  acid  and  deter¬ 
mine  whether  the  stannous  ion  is  oxidized  to  the  stannic  ion 
by  this  treatment. 

g.  Gently  warm  some  stannic  sulfide  with  a  mixture  of 
sodium  sulfide  and  sodium  hydroxide.  Does  the  sulfide  dis¬ 
solve  readily  ?  Are  the  sulfides  of  arsenic,  antimony,  and 
mercury  soluble  in  the  same  reagent  ? 

h.  What  is  formed  when  stannic  chloride  is  treated  with  an 
excess  of  sodium  hydroxide  ? 

1  Prepare  the  reagent  as  follows  :  Saturate  a  3-normal  solution  of  sodium 
hydroxide  with  hydrogen  sulfide.  In  each  liter  of  this  solution  dissolve  3.5  g. 
of  sodium  hydroxide  and  4g.  of  sulfur.  This  mixture  will  be  called  hereafter 
the  sodium  hydrogen  sulfide  reagent. 
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Antimonous  ion,  Sb+  +  +  ;  antimonic  ion,  Sb+  +  +  +  +  ;  antimonite  ion, 

Sb02-  ;  antimonate  ion,  Sb04 - ;  pyroantimonate  ion,  Sb207 - 

Experiment  20.  a.  Treat  a  solution  of  antimonous  chloride 
with  an  excess  of  sodium  hydroxide.  Is  antimonous  hydroxide 
soluble  in  NaOH  ?  Also,  treat  a  solution  of  potassium  pyro¬ 
antimonate  with  an  excess  of  hydrochloric  acid.  What  do  these 
interactions  show  as  to  the  character  of  antimonous  hydroxide 
and  of  antimonic  hydroxide  respectively  ? 

b.  Add  to  50  cc.  of  water  a  few  drops  of  antimonous  chloride. 
Recall  the  behavior  of  bismuth  trichloride.  Is  the  precipitate 
formed  from  the  hydrolysis  of  antimonous  chloride  soluble  in 
tartaric  acid  ?  Is  this  true  of  the  bismuth  precipitate  ?  What 
salts  show  a  strong  tendency  to  hydrolyze  ? 

c.  Saturate  a  solution  of  antimonous  chloride  with  hydrogen 
sulfide.  What  is  formed?  Note  the  color  of  the  precipitate. 
Dissolve  the  precipitate  in  the  sodium  hydrogen  sulfide  reagent. 
Add  to  the  solution  an  excess  of  ammonium  chloride.  Does  any 
precipitate  form  ? 

d.  To  a  solution  of  antimonous  chloride  add  one  half  its  vol¬ 
ume  of  concentrated  hydrochloric  acid.  Put  equal  quantities  of 
the  solution  into  three  evaporating  dishes.  Add  to  one  a  steel 
nail.  Put  into  another  a  platinum  foil  upon  which  is  placed  a 
small  piece  of  granulated  tin.  And  in  the  third  solution  immerse 
a  strip  of  platinum  foil  upon  which  is  placed  a  piece  of  granu¬ 
lated  zinc.  Look  up  the  relative  positions  of  zinc,  iron,  tin, 
hydrogen,  and  antimony  in  a  table  of  solution  tensions.1  Con¬ 
sidering  their  position,  which  should  liberate  antimony  more 
readily,  zinc  or  iron  ?  Should  tin  liberate  antimony  from  a 
hydrochloric  acid  solution  ?  Should  zinc  precipitate  tin  from 
its  chloride  ? 

e.  Does  a  solution  containing  the  antimonyl  tartrate  ion, 
upon  the  addition  of  an  excess  of  water,  behave  analogously  to 
a  solution  containing  the  antimonous  ion  ?  (See  Exp.  20,  5.) 
Saturate  a  solution  of  potassium  antimonyl  tartrate  with  hydro¬ 
gen  sulfide.  A  precipitate  of  antimonous  sulfide  is  formed. 


1  E.M.F.  Series. 
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Explain  why  a  precipitate  is  not  formed  in  the  first  case  and 
why  one  is  produced  in  the  latter. 

/.  Treat  an  acid  solution  of  antimonic  chloride  with  a  few 
drops  of  potassium  iodide.  Give  result  and  write  the  oxidation 
and  reduction  equation  to  express  the  interaction.  The  solution 
of  SbCl5  is  prepared  by  adding  an  excess  of  hydrochloric  acid 
to  a  solution  of  potassium  pyroantimonate.  Is  antimonic  chlo¬ 
ride  readily  hydrolyzed  ?  By  tho  use  of  KI  can  an  antimonate 
be  distinguished  from  an  antimonite  ? 

g.  Make  a  solution  of  sodium  antimonite  by  adding  to  SbCl3 
an  excess  of  sodium  hydroxide.  Add  a  few  drops  of  the  anti¬ 
monite  solution  to  4  cc.  of  a  strongly  ammoniacal  solution  of 
silver  nitrate.  A  black  precipitate  is  silver.  Do  antimonates 
reduce  ammoniacal  silver  nitrate  ? 

h.  Repeat  Exp.  17,  e,  using  antimonous  oxide  instead  of 
bismuth  nitrate.  Give  result. 

Arsenous  ion,  As+  +  +;  arsenic  ion,  As+  +  +  +  +;  arsenite  ion,  As03 - ; 

arsenate  ion,  As04 - 

Experiment  21.  a.  Treat  some  arsenous  oxide  with  sodium 
hydroxide.  Does  the  oxide  dissolve  ?  Is  As203  soluble  in  HC1  ? 
From  this  experiment  it  is  seen  that  arsenous  hydroxide  is  both 
an  acid  and  a  base ;  but  since  the  hydroxide  is  more  acidic 
than  basic,  it  is  called  arsenous  acid.  Is  arsenic  hydroxide  more 
acidic  than  As(OPI)3?  Recall  the  behavior  of  the  higher  oxides 
of  antimony  and  tin.  Are  they  more  acidic  than  the  lower 
oxides  ?  Is  it  a  general  characteristic  that  the  higher  oxides 
are  more  acidic  than  the  lower? 

b.  Pass  hydrogen  sulfide  into  a  hydrochloric  acid  solution  of 
arsenous  oxide  and  then  into  a  water  solution  of  the  oxide. 
What  are  the  results  ?  Add  hydrochloric  acid  to  the  water 
solution  after  saturating  it  with  hydrogen  sulfide.  Is  arsenous 
sulfide  precipitated  ?  Explain  this  behavior  of  the  sulfide.  Is 
arsenous  sulfide  soluble  in  concentrated  HC1? 

c.  Make  a  solution  of  potassium  arsenate  strongly  acid  with 
HC1.  Heat  the  solution  to  90°  and  pass  into  it  a  rapid 
stream  of  hydrogen  sulfide.  What  is  the  precipitate  ?  Is  it 
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soluble  in  concentrated  hydrochloric  acid  ?  How  may  the  sulfides 
of  arsenic  be  separated  from  those  of  antimony  and  tin  ? 

d.  Precipitate,  separately,  arsenic  sulfide  and  arsenous  sul¬ 
fide.  Determine  whether  each  one  is  soluble  in  concentrated 
ammonium  hydroxide  and,  also,  in  concentrated  nitric  acid. 
Give  equations. 

e.  Add  to  solutions  of  potassium  arsenite  and  potassium  arse¬ 
nate,  in  separate  test  tubes,  a  solution  of  silver  nitrate.  Note 
the  color  of  each  precipitate.  It  is  in  this  way  that  an  arsenate 
may  be  distinguished  from  an  arsenite.  Repeat  the  experiment, 
using  magnesia  mixture  (magnesium  nitrate  to  which  sufficient 
ammonium  chloride  is  added  so  that  no  precipitate  is  formed 
when  rendered  strongly  alkaline  with  NH^OH)  instead  of 
silver  nitrate. 

/.  Dissolve  either  As2S3  or  As2S5  in  a  little  concentrated  am¬ 
monium  hydroxide.  Neutralize  the  solution  with  concentrated 
nitric  acid.  If  a  precipitate  should  form,  dissolve  it,  without 
filtering,  by  boiling  it  with  a  slight  excess  of  concentrated  nitric 
acid.  To  the  clear  hot  solution  add  an  excess  of  ammonium 
molybdate.  Allow  the  mixture  to  stand  for  several  minutes. 
The  formation  of  a  yellow  precipitate  is  a  delicate  test  for  arsenic. 
Phosphate  gives  the  same  test,  but  no  phosphate  is  present  at 
the  point,  in  a  systematic  analysis,  where  arsenic  is  separated  and 
identified.  The  sulfides  of  arsenic  are  dissolved  by  a  mixture  of 
sodium  sulfide  and  sodium  hydroxide,  to  give  a  solution  from 
which  ammonium  carbonate  fails  to  precipitate  arsenic. 

g.  Consult  Fresenius  in  regard  to  the  Marsh  test  for  arsenic 
and  antimony. 


Mercuric  ion,  Hg+  + 

Experiment  22.  a.  Add  to  a  solution  of  mercuric  nitrate  an 
excess  of  sodium  hydroxide.  Does  the  precipitate  dissolve  in 
an  excess  of  ammonium  hydroxide  ?  Give  the  result.  Does 
hydrochloric  acid  precipitate  mercuric  chloride  from  a  0.5-normal 
solution  of  mercuric  nitrate  ? 

&.  To  a  solution  of  mercuric  chloride  add  a  few  drops  of  stan¬ 
nous  chloride.  Can  the  mercuric  ion  be  identified  by  this  means  ? 
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c.  Introduce  a  bright  copper  strip  into  a  solution  of  mercuric 
chloride.  Give  observation  and  write  the  oxidation  and  reduction 
equation. 

d.  Precipitate  mercuric  sulfide  from  a.  solution  of  mercuric 
nitrate  by  means  of  hydrogen  sulfide.  Note  any  color  changes 
that  take  place  during  the  treatment  with  H2S  and  explain  them. 
Collect  the  precipitate  of  mercuric  sulfide  and  digest  it  with  the 
sodium  hydrogen  sulfide  reagent.  Does  the  sulfide  dissolve  ? 
What  is  formed  ?  Treat  the  solution  with  an  excess  of  ammo¬ 
nium  chloride.  What  is  the  precipitate  ?  Dissolve  the  precipi¬ 
tate  in  hydrochloric  acid  containing  a  few  crystals  of  potassium 
chlorate.  Boil  the  solution  to  remove  all  the  chlorine,  and  then 
add  to  it  a  solution  of  stannous  chloride.  The  formation  of  a 
white  precipitate  is  a  characteristic  test  for  the  mercuric  ion.  If 
an  excess  of  tin  is  present,  the  white  precipitate  should  turn 
gradually  to  a  gray  one. 


PROCEDURE  IV 

Analysis  of  Group  II,  Divisions  A  and  B 

1.  Heat  the  solution  to  90°  and  saturate  it  with  hydrogen 
sulfide  by  means  of  a  rapid  stream  of  the  gas  passed  long 
enough  to  insure  the  complete  precipitation  of  the  arsenic.  With¬ 
out  removing  any  precipitate  which  may  form,  add  a  volume  of 
water  equal  to  that  of  the  solution,  and  again  pass  hydrogen  sul¬ 
fide.  In  case  the  concentration  of  acid  is  still  too  high  (Exp.  15,  e ), 
filter  the  solution  and  evaporate  the  filtrate  to  dryness.  Dissolve 
the  residue  in  a  solution  prepared  by  adding  3  or  4  cc.  of  dilute 
hydrochloric  acid  to  75  or  100  cc.  of  water.  Treat  the  resulting 
solution  with  hydrogen  sulfide,  and  if  any  precipitate  is  produced, 
collect  it  on  a  filter,  together  with  the  previous  one,  and  wash 
the  combined  precipitates  with  hydrogen  sulfide  water  contain¬ 
ing  about  2  per  cent  of  ammonium  nitrate.  (Treat  the  filtrate 
by  Proc.  Ill,  II,  and  I.) 

2.  Separation  of  the  ions  of  Division  A  from  those  of  Divi¬ 
sion  B.  Digest  all  the  precipitate  from  Proc.  IV,  1,  by  boil¬ 
ing  it  for  four  or  five  minutes  with  about  20  cc.  of  the  sodium 
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hydrogen  sulfide  reagent,1  filter,  and  dilute  the  filtrate  with  30  cc. 
of  water.  If  the  total  amount  of  the  precipitate  is  large,  make 
a  second  digestion  of  the  residue  in  a  manner  precisely  like  the 
first.  Filter  and  combine  the  two  filtrates.  Mercuric,  arsenous, 
arsenic,  antimonous,  antimonic,  stannous,  and  stannic  sulfides 
dissolve,  while  lead,  bismuth,  copper,  and  cadmium  sulfides 
settle  quickly,  leaving  above  them  a  clear  liquid,  which  is 
filtered.2  Thoroughly  wash  the  residue  with  a  1  per  cent  solu¬ 
tion  of  sodium  hydroxide.  Analyze  the  sodium  hydrogen  sulfide 
solution  by  Proc.  IV,  7,  8,  9,  and  10. 

Division  A 

3.  Identification  of  the  lead  ion.  Dissolve  the  residue  (Proc. 
IV,  2)  in  the  smallest  possible  amount  of  boiling  dilute  nitric 
acid.  Probably  a  little  free  sulfur  will  remain.  To  the  acid  solu¬ 
tion  add  from  5  to  10  cc.  of  sulfuric  acid,3  and  evaporate  it  to  a 
volume  of  from  1  to  2  cc.  Cool  and  treat  the  residue  4  with  15  cc. 
of  water  and  1  cc.  of  sulfuric  acid.  Collect  any  solid  material  on 
a  filter  paper.  (Treat  filtrate  by  Proc.  IV,  4.)  Pour  repeatedly 
through  the  filter  15  cc.  of  a  hot  concentrated  solution  of  ammo¬ 
nium  acetate.5  Add  to  the  solution  4  cc.  of  acetic  acid  and  then 

1  See  footnote  to  Exp.  19,  6,  and  the  preparation  of  special  reagents  in  the 
Appendix.  The  use  of  this  reagent  for  separating  the  divisions  of  Group  II  was 
worked  out  under  the  author’s  directions  by  Mr.  A.  W.  Scott. 

2  Yellow  ammonium  sulfide  may  be  used  to  separate  the  sulfides  of  Divi¬ 
sion  A  from  those  of  Division  B.  When  this  reagent  is  used,  mercuric  sulfide  is 
not  dissolved  but  remains  with  the  sulfides  of  lead,  bismuth,  copper,  and  cad¬ 
mium.  When  these  sulfides  are  treated  with  nitric  acid,  mercuric  sulfide  is  not 
dissolved,  and  the  presence  of  mercury  can  be  determined  by  following  direc¬ 
tions  given  in  Proc.  IV,  7,  omitting  the  first  two  sentences.  The  ions  of  lead, 
bismuth,  copper,  and  cadmium  can  be  identified  by  Proc.  IV,  3,  4,  5,  and  6. 
Test  the  yellow  ammonium  sulfide  solution  for  arsenic,  antimony,  and  tin  by 
Proc.  IV,  8,  9,  10,  and  11. 

3  This  treatment  is  to  precipitate  the  lead.  Most  of  the  lead  is  removed  with 
the  silver  group  (Proc.  V),  and  in  a  complete  analysis  of  the  metal  ions  only 
a  small  amount  of  lead  will  be  present  in  the  copper  group.  It  may  be  neces¬ 
sary,  therefore,  to  add  more  sulfuric  acid  in  case  no  lead  has  been  removed. 

4  Sometimes  basic  bismuth  sulfate  is  present  in  this  residue. 

5  Or  dissolve  the  solid  material  in  an  excess  of  sodium  hydroxide.  Acidify 
the  solution  with  acetic  acid  and  then  add  to  it  a  few  drops  of  potassium 
chromate.  Acetic  acid  aids  ammonium  acetate  in  dissolving  PbS04. 
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a  few  drops  of  potassium  chromate.  A  yellow  precipitate  is  lead 
chromate.  The  identification  of  lead  is  usually  made  during  the 
analysis  of  the  silver  group,  and,  in  case  this  has  been  done,  the 
sulfate  precipitate  is  discarded. 

4.  Identification  of  bismuth  ion.  To  the  sulfuric  acid  solution 
(Proc.  IV,  3)  add  an  excess  of  ammonium  hydroxide.  A  white 
precipitate  indicates  the  presence  of  bismuth ;  a  blue  solution 
shows  the  presence  of  copper.  Filter  and  thoroughly  wash  the 
precipitate.  (Test  filtrate  by  Proc.  IV,  5  and  6.)  Pour  through 
the  filter  containing  the  ammonium  hydroxide  precipitate  a 
freshly  prepared  solution  of  sodium  stannite.  A  black  residue 
proves  the  presence  of  bismuth.  Bismuth  may  be  confirmed, 
also,  by  the  oxychloride  reaction. 

5.  Identification  of  the  copper  ion.  If  the  ammoniacal  solution 
(Proc.  IV,  4)  is  blue,  copper  is  present.  A  trace  of  copper  may 
be  detected  by  acidifying  one  third  of  the  NH4OH  solution 
with  acetic  acid  and  adding  to  it  two  drops  of  potassium  ferro- 
cyanide.  If  the  solution  is  colored  pink  after  the  addition  of 
the  ferrocyanide,  copper  is  present. 

6.  Identification  of  the  cadmium  ion.  If  copper  is  absent,  pass 
into  the  remaining  two  thirds  of  the  filtrate  (Proc.  IV,  4)  hydro¬ 
gen  sulfider  A  yellow  precipitate  is  cadmium  sulfide.  In  case 
copper  is  present,  add  potassium  cyanide  to  the  ammoniacal  solu¬ 
tion  until  the  blue  color  of  the  Cu(NH8)^+  disappears.  Then 
pass  H2S  into  the  solution.  A  yellow  precipitate  proves  cadmium. 

At  times  a  slight  black  precipitate  is  obtained  when  the  test 
for  the  cadmium  ion  is  made  ;  this  may  mask  the  yellow  color  of 
CdS.  If  such  is  the  case,  filter  off  the  precipitate  and  wash  it  with 
water  to  free  it  from  KCX.  Boil  the  precipitate  from  five  to  ten 
minutes  with  15  cc.  of  1.2-normal  sulfuric  acid.  Filter,  dilute 
the  filtrate  with  three  times  its  volume  of  water,  and  saturate 
the  diluted  solution  with  hydrogen  sulfide.  A  yellow  precipitate 
of  CdS  will  be  obtained  if  the  cadmium  ion  is  present.  Cadmium 
sulfide  is  the  most  soluble  sulfide  of  the  metals  of  Division  A. 
It  is  for  this  reason  that  cadmium  sulfide  may  be  dissolved  in 
1.2-normal  sulfuric  acid,  while  an  interfering  sulfide  remains 
insoluble. 
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Division  B 

7.  Separation  of  arsenic  and  mercury  from  antimony  and  tin. 

To  the  filtrate  (Proc.  IV,  2)  add  sufficient  dilute  hydrochloric 
acid  to  precipitate  completely  the  sulfides  of  mercury,  arsenic, 
antimony,  and  tin.  Collect  the  precipitate  and  treat  it  with  from 
10  to  15  cc.  of  concentrated  hydrochloric  acid.  Then  heat  the 
mixture  at  95°  for  ten  minutes.  Stir  the  acid  during  the  heat¬ 
ing.  The  sulfides  of  antimony  and  tin  dissolve,  while  those  of 
mercury  and  arsenic  do  not.  Separate  the  solution  from  the 
residue  by  filtration.  (Treat  the  residue  by  Proc.  IV,  8 ;  the 
filtrate  by  Proc.  IV,  10  and  11.) 

8.  Separation  and  identification  of  the  mercuric  ion.  Warm 
the  residue  (Proc.  IV,  7)  for  two  or  three  minutes  with  from 
5  to  10  cc.  of  concentrated  ammonium  hydroxide  and  filter  the 
solution.  Arsenous  or  arsenic  sulfide  dissolves.  If  the  residue 
is  dark,  the  presence  of  mercury  is  indicated.  First  wash  the 
residue  and  then  transfer  it  to  an  evaporating  dish  containing 
about  5  cc.  of  hydrochloric  acid.  Heat  the  mixture  and  add  to  it 
powdered  sodium  chlorate,  in  very  small  portions,  till  the  black 
sulfide  dissolves.  A  little  free  sulfur  may  remain.  Confirm  the 
presence  of  mercury  by  adding  this  solution,  which  has  been 
previously  boiled  to  remove  chlorine,  to  one  of  stannous  chlo¬ 
ride.  A  white  precipitate  which  turns  gray  or  a  gray  precipitate 
confirms  the  presence  of  mercury. 

9.  Identification  of  arsenic.  Neutralize  the  ammoniacal  solu¬ 
tion  (Proc.  IV,  8)  with  concentrated  nitric  acid.  If  a  yellow 
precipitate  results,  the  presence  of  arsenic  is  indicated.  Without 
filtering,  treat  the  mixture  with  a  moderate  excess  of  concentrated 
nitric  acid  and  boil  it  until  a  clear  liquid  results.  Treat  the  hot 
solution,  in  a  test  tube,  with  an  excess  of  ammonium  molybdate.1 
Allow  the  contents  of  the  tube  to  stand  for  several  minutes  at  a 
temperature  of  from  85°  to  90°.  If  a  large  quantity  of  arsenic 
is  present,  an  immediate  yellow  precipitate  forms ;  but  if  there 
is  only  a  trace  of  arsenic,  half  an  hour  may  be  required  to  obtain 
conclusive  evidence  of  it. 

1  A  large  excess  of  ammonium  molybdate  is  necessary. 
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10.  Identification  of  antimony.  Boil  the  hydrochloric  acid  solu¬ 
tion  (Proc.  IV,  7)  until  every  trace  of  hydrogen  sulfide  is 
removed,  and  concentrate  the  solution  to  one  half  its  original 
volume.  Cool  the  solution  and  test  2  cc.  of  it  for  antimony  by 
Exp.  20,  d ,  using  tin  and  platinum  foil.  To  the  rest  of  the  solu¬ 
tion  add  two  or  three  small  iron  nails.  A  black,  flaky  precipi¬ 
tate  indicates  antimony,  but  it  may  possibly  be  carbon  from  the 
nails.  Collect  the  precipitate  and  treat  it  with  a  solution  of  tar¬ 
taric  acid  containing  a  drop  or  two  of  nitric  acid.  Dilute  the 
solution  with  water  and  then  saturate  it  with  hydrogen  sulfide. 
An  orange  precipitate  confirms  the  presence  of  antimony. 

11.  Identification  of  tin.  Heat  the  filtrate  from  the  antimony 
precipitate  (Proc.  IV,  10),  and  add  to  the  hot  solution  a  mer¬ 
curic  chloride  solution.  A  white  or  gray  precipitate  shows  the 
presence  of  tin. 

Ask  your  instructor  for  an  unknown  and  analyze  it  for  the 
metal  ions  of  Group  II. 

Obtain  an  unknown  and  analyze  it  for  the  metal  ions  of 
Groups  II,  III,  IV,  and  V. 

QUESTIONS 

1.  In  a  saturated  solution  of  hydrogen  sulfide  containing  some 
hydrochloric  acid  the  concentration  of  the  hydrogen  ion  is  0.3. 
What  is  the  concentration  of  the  sulfide  ion  ? 

2.  Why  are  the  metal  ions  of  Group  III  precipitated  by  passing 
H2S  into  an  ammoniacal  solution  rather  than  by  treating  the  solution 
with  ammonium  sulfide  ? 

3.  Why  does  hydrochloric  acid  fail  to  dissolve  mercuric  sulfide 
to  any  appreciable  extent  ? 

4.  What  would  be  the  effect  of  precipitating  Group  II  in  the 
presence  of  too  much  hydrochloric  acid  ?  too  little  ? 

5.  If,  when  hydrogen  sulfide  is  passed  into  the  solution  to  pre¬ 
cipitate  the  ions  of  Group  II,  a  brown  gas  is  given  off  and  the 
precipitate  which  forms  seems  to  be  sulfur,  how  should  you  proceed  ? 

6.  Point  out  the  complications  which  may  arise  from  the  presence 
of  complex  ions. 
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7.  Express  by  equations  the  reactions  brought  about  by  the  addi¬ 
tion  of  an  excess  of  potassium  cyanide  to  an  ammoniacal  solution 
of  copper  sulfate. 

8.  Draw  conclusions  concerning  the  colloidal  state  as  a  factor  in 
qualitative  analysis. 

9.  Why  is  bismuth  hydroxide  precipitated  by  ammonium  hy¬ 
droxide  instead  of'  by  sodium  hydroxide  ? 

10.  Why  should  you  expect  arsenic  sulfide  to  be  precipitated 
rather  slowly  by  hydrogen  sulfide  from  a  solution  of  arsenic  acid  ? 

11.  Why  is  the  hydrogen  sulfide  precipitate  of  Group  II  washed 
with  water  containing  ammonium  nitrate  ? 

12.  Why  is  lead  sulfate  soluble  in  ammonium  acetate  ? 

13.  Which  of  the  two  tests  for  the  bismuth  ion  is  the  more 
delicate  ? 

14.  What  reagent  is  used  for  the  detection  of  a  trace  of  copper  ? 

15.  What  is  the  gray  precipitate  obtained  when  mercuric  chloride 
is  treated  with  stannous  chloride  ? 

16.  Under  what  conditions  does  the  presence  of  copper  ion  fail 
to  interfere  with  the  test  for  cadmium  ? 

17.  Upon  what  does  the  separation  of  the  sulfides  of  arsenic  from 
those  of  antimony  and  tin  depend  ? 

18.  Why  are  the  ions  of  antimony  reduced  to  the  metallic  condi¬ 
tion  by  iron  in  the  presence  of  hydrochloric  acid  when  those  of  tin 
are  not  reduced  to  the  metal  ? 
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GROUP  I 

The  reagent  used  for  precipitating  this  group  is  hydrochloric 
acid,  or,  to  be  more  specific,  the  chloride  ion.  The  concentration 
of  the  acid  should  never  be  too  great,  for  silver  chloride  is 
soluble  in  hydrochloric  acid.  If  the  unknown  solution  has  an 
acidity  greater  than  that  of  0.5-normal  hydrochloric  acid,  am¬ 
monium  chloride  should  be  used  instead  of  hydrochloric  acid 
to  precipitate  the  ions  of  the  group. 

The  presence  of  mercuric  nitrate  in  the  solution  under  in¬ 
vestigation  hinders  the  precipitation  of  silver  chloride.  Silver 
chloride  is  slightly  soluble  in  mercuric  nitrate  at  ordinary 
temperatures  and  more  readily  soluble  the  higher  the  temperature 
of  the  solvent  is  raised.  This  action  seems  to  be  partially  due 
to  the  production  of  little-ionized  mercuric  chloride  by  double 
decomposition, 

2  AgCl  +  Hg(N08)2  5=±  2  AgN03  +  HgCl2, 

and  also  to  the  formation  of  a  double  salt.1  An  excess  of  the  pre¬ 
cipitant  tends  to  prevent  the  solvent  action  of  the  mercuric  salt. 

Mercuric  nitrate  may  be  converted  into  the  chloride  by  adding 
hydrochloric  acid  to  the  original  solution  and  evaporating  the 
mixture  almost  to  dryness.  The  nitrate  is  transposed  by  this 
action  into  the  chloride : 

Hg(N08)a  +  2  HC1  +=>  HgCl2  +  2  HN03. 

If  any  mercurous  ions  are  present,  they  are  oxidized  to  mer¬ 
curic  ions  by  the  mixture  of  nitric  acid  and  hydrochloric  acid. 
When  the  residue  2  is  treated  with  water  containing  a  few  drops 

1  Comptes  rendus,  166  (1918),  1000. 

2  Treat  the  residue  with  0.25-normal  hydrochloric  acid. 
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of  hydrochloric  acid,  silver  chloride  remains  undissolved.  It  will 
not  be  found  necessary  to  modify  the  procedure  for  precipitating 
the  group  except  when  the  ratio  of  the  concentration  of  the 
silver  ion  to  that  of  mercuric  ion  from  mercuric  nitrate  is 
quite  small. 

If  no  precipitate  is  obtained  for  this  group,  the  absence  of 
the  lead  ion  has  not  been  shown,  for  the  reason  that  lead 
chloride  is  slightly  soluble.  Its  molar  solubility  at  18°  is  0.035. 
The  chloride  is  far  more  soluble  in  hot  water.  Hence  lead 
chloride  is  separated  from  the  chlorides  of  silver  and  mercurous 
mercury  by  boiling  water. 

After  lead  chloride  is  removed,  the  other  chlorides  are  treated 
with  ammonium  hydroxide.  Mercurous  chloride  gives  with  this 
reagent  a  black  residue  consisting  of  finely  divided  mercury  and 
a  mercuric  compound  known  as  "  infusible  white  precipitate.” 
The  equation 

Hg2Cl2  +  2  NH4OH  =  Hg(NH2)Cl  +  NH4C1  +  H20 

represents  the  reaction.  Ammonium  hydroxide,  at  the  same 
time,  dissolves  the  silver  chloride  on  account  of  the  formation 
of  the  complex  ammonioargentic  ion  (p.  113). 

When  a  large  quantity  of  mercurous  chloride  is  present,  an 
appreciable  amount  of  silver  may  be  retained  by  the  black 
residue  obtained  by  the  treatment  with  ammonium  hydroxide. 
When  only  a  trace  of  silver  chloride  is  present,  it  may  not 
dissolve.  It  is  possible  that  the  silver  ion  is  reduced  to  metallic 
silver  by  the  free  mercury : 

2  AgCl  +  2  Hg  =  Hg2Cl2  +  2  Ag. 

To  obtain  a  solution  of  the  silver  in  the  residue,  the  black 
mass  is  warmed  with  hydrochloric  acid  and  bromine  water. 
Hg(NH2)Cl  dissolves  as  HgCl2;  Hg,  as  HgBr2.  The  silver  is 
converted  into  the  difficultly  soluble  silver  bromide. 

Whenever  a  complete  analysis  of  an  unknown  is  to  be  made 
for  the  detection  of  the  cations,  Group.  I  is  first  precipitated. 
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Afterwards  the  second,  third,  and  fourth  groups  are  succes¬ 
sively  precipitated  in  the  order  given.  The  scheme  (q.v.)  for 
the  separation  and  detection  of  the  cations  is  given  in  tabular 
form  in  Chapter  IX.  The  Addenda  give  directions  for  the 
detection  of  the  ammonium  ion  which  is  made  before  any 
group  of  metal  ions  is  precipitated.  It  further  gives  methods 
for  detecting  the  presence  of  the  following  ions :  arsenite, 
arsenate,  antimonite,  antimonate,  permanganate,  stannite,  and 
stannate.  In  addition  it  includes  a  procedure  for  the  identifi¬ 
cation  of  the  ions  of  the  alkali  metals  in  silicates  which  are 
not  decomposed  by  acids. 

REACTIONS  AND  PROCEDURE  FOR  THE  DETECTION  OF 
THE  IONS  OF  GROUP  I 

Silver  ion,  Ag+ 

Experiment  23.  a.  To  a  solution  of  silver  nitrate  add  an 
excess  of  sodium  hydroxide.  Does  the  precipitate  dissolve  ? 
Has  silver  oxide  any  acid  properties  ?  The  oxide  is  soluble  in  an 
acid  ;  in  potassium  cyanide  ;  in  sodium  thiosulfate.  Give  reasons. 

b.  From  a  graduated  pipette  add,  drop  by  drop,  normal  am¬ 
monium  hydroxide  to  20  cc.  of  a  0.1-normal  silver  nitrate  solu¬ 
tion  until  no  further  precipitation  is  noticed,  and  then  add  just 
enough  more  of  the  hydroxide  to  give  a  clear  solution.  Stir 
the  mixture  vigorously  during  the  addition  of  the  NH4OH. 
Explain  fully  why  silver  oxide  dissolves  in  NH4OH,  while  it 
fails  to  do  so  in  NaOH.  From  the  amounts  of  NH  OH  and 

4 

AgN03  used  calculate  the  formula  of  the  ammonioargentic  ion. 

c.  Put  into  each  of  three  test  tubes  10  cc.  of  0.25-normal  silver 
nitrate  solution.  To  one  add  a  sodium  chloride  solution ;  to 
another,  a  potassium  bromide  solution  ;  and  to  the  last,  a  solution 
of  potassium  iodide.  Note  the  color  of  each  precipitate.  Slowly 
add  to  each  tube  ammonium  hydroxide  in  excess.  The  contents 
of  the  tube  should  be  shaken  after  each  addition.  Note  the 
relative  solubilities  of  the  precipitates  in  NH4OH  and  explain 
by  applying  the  law  of  chemical  equilibrium  to  each  system. 
What  effect  would  a  large  excess  of  ammonium  hydroxide  have 
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upon  each  equilibrium  ?  Consult  the  table  of  solubilities  for 
the  solubility  of  each  of  the  silver  halides  in  water. 

d.  Repeat  Exp.  23,  c ,  using  a  solution  of  potassium  cyanide 
instead  of  ammonium  hydroxide.  Note  differences  in  results. 
Explain  these  differences  on  the  basis  of  the  instability  constants 
of  the  complex  ions  Ag(NH3)2+  and  Ag(CN)2~.  Which  is  the 
more  stable  complex  ion  ? 

e.  Pass  hydrogen  sulfide  into  a  solution  of  silver  nitrate.  Is 
the  precipitate  soluble  in  nitric  acid  ?  Is  it  soluble  in  NH4OH 
or  KCN  solution  ?  Explain  the  behavior  of  the  sulfide  with 
each  of  the  reagents. 

/.  Treat  a  silver  nitrate  solution  with  just  enough  ammonium 
hydroxide  to  give  a  clear  solution.  Divide  the  solution  into  two 
portions.  To  one  add  a  sodium  chloride  solution  and  to  the 
other  a  large  excess  of  NH4OH  and  then  a  solution  of  sodium 
chloride.  Explain  results.  To  the  ammoniacal  solution  from 
which  sodium  chloride  gave  no  precipitate  add  nitric  acid. 
Explain  results.  It  is  seen  that  silver  chloride  is  soluble  in  an 
excess  of  ammonium  hydroxide  and  that  AgCl  is  reprecipitated 
upon-  the  addition  of  nitric  acid  to  the  ammoniacal  solution.  It 
is  in  this  way  that  silver  is  separated  and  identified. 

g.  Gently  warm  a  little  freshly  precipitated  silver  chloride 
with  an  excess  of  mercuric  nitrate  solution.  Account  for  the  fact 
that  AgCl  is  soluble  in  Hg(N03)2  solution.  Would  the  presence 
of  Hg(N03)2  interfere  with  the  precipitation  of  AgCl  ?  Is  silver 
chloride  soluble  in  concentrated  hydrochloric  acid  ?  Explain. 

h.  Add  to  a  solution  of  silver  nitrate  a  sodium  phosphate  solu¬ 
tion.  To  another  solution  of  the  nitrate  add  a  K  CrO,  solution. 
Give  the  color  of  each  precipitate.  Explain  why  each  precipitate 
is  soluble  both  in  ammonium  hydroxide  and  in  nitric  acid. 

i.  Add  2  drops  of  silver  nitrate  solution  to  5  cc.  of  mercurous 
nitrate.  Add  HC1  to  the  mixture  until  precipitation  is  complete. 
Filter  and  treat  the  washed  precipitate  with  NH4OH.  Acidify 
the  ammoniacal  extract  with  nitric  acid.  Note  the  amount  of 
the  precipitate  (if  any)  formed.  Compare  this  result  with  that 
obtained  by  adding  HC1  to  5  cc.  of  water  containing  2  drops 
of  silver  nitrate.  Explain. 


GROUP  I 


139 


Mercurous  ion,  Hg+ 

Experiment  24.  a.  Add  to  a  solution  of  mercurous  nitrate  an 
excess  of  sodium  hydroxide.  What  is  formed  ? 

b.  To  a  solution  of  mercurous  nitrate  add  hydrochloric  acid 
until  no  further  precipitation  is  observed.  Collect  the  precipitate 
on  a  filter  and  wash  it  thoroughly.  Pour  ammonium  hydroxide 
through  the  filter  containing  the  mercurous  chloride.  A  black 
insoluble  product  consisting  of  free  mercury  and  the  white  mer¬ 
curic  compound  Hg(NH2)Cl  results.  It  is  by  this  means  that 
mercurous  mercury  is  identified  and  separated  from  silver. 

c.  Treat  separate  solutions  of  mercurous  nitrate  with  potas¬ 
sium  bromide,  potassium  iodide,  and  hydrogen  sulfide  respectively. 
Give  the  color  and  composition  of  each  precipitate. 

Lead  ion,  Pb+  + 

Experiment  25.  a.  The  properties  of  the  Pb++  have  been 
studied  (Exp.  18). 

b.  It  was  found  by  Exp.  18,  «,  that  lead  chloride  is  far  more 
soluble  in  hot  water  than  in  cold.  In  fact,  its  solubility  in 
water  is  increased  about  fivefold  by  raising  the  temperature  of 
the  solvent  from  0°  to  100°.  Can  lead  chloride  be  separated 
from  a  mixture  of  AgCl,  Hg2Cl2,  and  PbCl2  by  treating  the  three 
substances  with  boiling  water? 

PROCEDURE  V 

Analysis  of  Group  I 

1.  Add  to  the  solution  enough  hydrochloric  acid  to  precipitate 
completely  1  the  ions  of  this  group.2  Thoroughly  cool  the  mix¬ 
ture  and  filter  it.  Treat  the  residue  by  Proc.  V,  2,  3,  4  ;  the 
solution  by  Proc.  IV,  III,  II,  I. 

1  Since  lead  chloride  is  sparingly  soluble  in  water,  it  is  not  completely  pre¬ 
cipitated  as  the  chloride,  and  consequently  small  quantities  of  it  would  be 
present  in  Group  II. 

2  For  the  precipitation  of  silver  chloride  when  a  trace  of  the  silver  ion  is 
present,  together  with  a  rather  high  concentration  of  mercuric  nitrate,  see 
modification  of  this  procedure  suggested  on  page  135. 
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2.  Identification  of  the  lead  ion.  Wasli  the  residue  twice  with 
from  5  to  10  cc.  of  cold  water.  Pour  repeatedly,  through  the  filter 
containing  the  residue,  10  cc.  of  boiling  water.  Cool  the  hot-water 
solution.  If  a  large  quantity  of  PbCl2  is  present,  crystals  of  lead 
chloride  will  be  deposited  as  the  solution  cools.  Add  to  a  portion 
of  the  cool  aqueous  solution  an  equal  volume  of  sulfuric  acid.  A 
white  precipitate  indicates  lead.  Confirm  the  presence  of  lead  by 
Proc.  IV,  3.  Heat  the  other  portion  of  the  solution  to  boiling  and 
add  to  it  a  few  drops  of  potassium  iodide  (avoid  an  excess  of  the 
reagent).  If  lead  is  present,  golden  yellow  scales  of  lead  iodide 
should  be  deposited  as  the  solution  cools.  If  lead  is  found,  wash 
the  residue  with  hot  water  until  it  is  free  from  lead  chloride. 

3.  Identification  of  the  mercurous  ion.  Without  removing 
from  the  filter  the  residue,  which  was  insoluble  in  hot  water, 
treat  it  with  10  cc.  of  ammonium  hydroxide.1  It  will  be  neces¬ 
sary  to  pour  the  NH4QH  through  the  filter  several  times  to  insure 
the  solution  of  silver  chloride.  A  black  residue  on  the  filter 
shows  the  presence  of  mercurous  mercury.  The  black  product 
may  be  dissolved  in  hydrochloric  acid  containing  a  few  crystals 
of  potassium  chlorate  and  the  solution  tested  for  mercury 
(Exp.  22,  d ,  last  three  sentences). 

4.  Identification  of  the  silver  ion.  Acidify  the  ammoniacal 
extract  (Proc.  Y,  3)  with  nitric  acid.  A  white  precipitate  is 
silver  chloride.  If  a  large  quantity  of  mercury  is  present,  a 
considerable  amount  of  silver  may  be  retained  in  the  black 
residue  (Proc.  V,  3).  In  this  case  warm  the  residue  with 
hydrochloric  acid  and  bromine  water.  Filter  and  wash  any 
material  on  filter  paper  several  times  with  water,  and  then 
pour  several  times  through  the  filter  a  concentrated  solution  of 
ammonium  hydroxide.  Acidify  the  ammoniacal  solution  with 
nitric  acid.  A  slightly  yellowish  precipitate  is  silver  bromide. 

Ask  your  instructor  for  an  unknown  and  analyze  it  for  the 
metal  ions  of  Group  I. 

Obtain  an  unknown  and  analyze  it  for  the  metal  ions  of 
Groups  I,  II,  III,  IV,  and  Y. 

1  If  the  NH4OH  is  turbid,  it  is  due  to  the  formation  of  basic  lead  chloride, 
which  should  be  removed  by  filtration  and  the  filtrate  tested  for  silver  (Proc.  V,  4) . 
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QUESTIONS 

1 .  Make  in  tabular  form  a  scheme  for  the  separation  and  identi¬ 
fication  of  the  cations.  Do  not  follow  the  tables  in  this  text. 

2.  Why  is  it  that  we  do  not  precipitate  the  ions  of  the  first  group 
as  iodides  ? 

3.  Give  reason  or  reasons  why  this  group  should  be  precipitated 
from  a  cold  solution. 

4.  Suppose  a  white  precipitate  is  obtained  with  hydrochloric  acid 
and  no  ions  of  silver  lead  or  mercurous  mercury  are  present,  what 
is  the  precipitate  likely  to  be  ?  How  could  it  be  identified  alone  and 
in  the  presence  of  the  chlorides  of  Group  I  ? 

5.  How  do  you  account  for  the  fact  that  silver  is  soluble  in 
mercuric  nitrate  and  mercury  displaces  silver  from  silver  nitrate  ? 

6.  If  the  stannous  ion  is  present  in  solution,  what  ions  are  absent  ? 


CHAPTER  VR 
THE  ANIONS 


The  acidic  components  are  classified  into  five  main  groups 
based  upon  the  stability  of  the  free  acids  and  the  solubility  of 
their  silver,  zinc,  and  barium  salts.  A  study  of  the  reactions 
and  procedure  for  the  detection  of  the  following  acids  is  given. 

Group  A.  Unstable  acids  which  decompose,  below  ioo°,  into 
gaseous  products  and  which  are  liberated  from  their  salts  by 
active  acids. 


Carbonic  acid 
Nitrous  acid 
Sulfurous  acid 


Hypochlorous  acid 
Chloric  acid 
Thiosulfuric  acid 


Group  B.  Acids  which  yield  either  zinc  or  barium  salts  that  are 
difficultly  soluble  in  water  but  soluble  in  dilute  nitric  acid. 


Phosphoric  acid 
Boric  acid 
Hydrocyanic  acid 
Iodic  acid 
Bromic  acid 1 


Hydrosulfuric  acid 
Hydroferrocyanic  acid 
Hydroferricyanic  acid 
Hydrofluoric  acid 1 
Chromic  acid 2 


Group  C.  Acids  which  yield  barium  salts  that  are  sparingly 
soluble  in  dilute  hydrochloric  acid. 


Sulfuric  acid  Fluosilicic  acid 

Group  D.  Acids  which  yield  silver  salts  that  are  almost 
insoluble  in  cold  dilute  nitric  acid. 

Hydrochloric  acid  Hydriodic  acid 

Hydrobromic  acid  Thiocyanic  acid 

1  The  barium  salts  of  these  acids  are  sparingly  soluble. 

2  This  acid  is  usually  identified  during  the  analysis  .of  the  cations. 
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Group  E.  Acids  which  yield  barium  salts  that  are  soluble  and 
silver  salts  that  are  not  precipitated  in  the  presence  of  nitric  acid. 

Nitric  acid  Perchloric  acid 

Directions  for  the  detection  of  the  arsenite,  arsenate,  anti- 
monite,  antimonate,  permanganate,  silicate,  stannite,  and  stan- 
nate  ions  will  be  given'  under  Systematic  Analysis,  Chapter  VIII. 
These  ions  are '  identified  during  the  analysis  for  the  basic 
components. 

Group  A 

Carbonate  ion,  C03 

Experiment  26.  a .  Carbonic  acid,  II2C03,  is  unstable  and 
can  exist  only  in  a  dilute  solution.  The  carbonates  of  the  alkali 
metals  are  soluble.  Other  carbonates,  except  bicarbonates,  are 
insoluble.  Pass  a  stream  of  carbon  dioxide  into  a  clear  solution 
of  limewater  until  precipitation  is  complete,  and  then  continue 
the  treatment  for  several  minutes.  Explain  results. 

b.  Pass  carbon  dioxide  into  a  Ba(OH)2  solution.  What  is  the 
precipitate  ?  Sulfur  dioxide  and  carbon  dioxide  are  the  only  two 
gases  which  give  white  precipitates  with  barium  hydroxide.  If 
the  two  gases  are  present  together  (S02  is  recognized  by  its  smell), 
the  sulfur  dioxide  must  be  removed  before  testing  for  C02. 

Place  in  a  conical  flask,  provided  with  a  dropping  funnel  and 
a  delivery  tube,  a  mixture  of  sodium  sulfite  and  sodium  carbonate. 
Connect  the  delivery  tube  with  a  wash  bottle  containing  a  solu¬ 
tion  of  potassium  permanganate.  Place  in  a  second  wash  bottle 
a  solution  of  Ba(OH)2  and  join  this  bottle  to  the  other.  Allow 
sulfuric  acid  to  flow  from  the  dropping  funnel  upon  the  salts. 
Heat  the  mixture  nearly  to  boiling.  The  sulfur  dioxide  is  retained 
in  the  permanganate  solution,  while  the  carbon  dioxide  passes  on 
and  gives  a  precipitate  (BaCOg)  with  barium  hydroxide.  If  sulfur 
dioxide  is  absent,  the  use  of  permanganate  is  unnecessary. 

c.  In  order  to  detect  a  trace  of  carbon  dioxide,  fit  up  a  small 
flask  with  a  right-angle  delivery  tube  and  a  small  drying  tube 
containing  soda  lime.  Connect  the  delivery  tube  to  a  wash 
bottle  made  from  a  small  test  tube.  Introduce  into  the  flask 
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0.1  g.  of  the  material  under  examination,  2  cc.  of  KMn04  solu¬ 
tion,  and  0.5  cc.  of  sulfuric  acid.  Into  the  wash  bottle  put  1  cc. 
of  Ba(OH)2.  Make  all  connections  air-tight ;  heat  the  mixture 
nearly  to  boiling  and  by  means  of  an  aspirator  connected  with 
the  wash  bottle  draw  air  through  the  system.  Get  an  instructor 
to  inspect  your  apparatus.  Perform  the  experiment,  using  a 
drop  of  sodium  carbonate  solution.  In  this  case,  since  no  sul¬ 
fite  is  present,  add  2  cc.  of  water  instead  of  that  amount  of 
potassium  permanganate. 

d.  Add  5  cc.  of  HCl  to  a  small  quantity  of  sodium  carbonate. 
Gently  heat  the  mixture.  Introduce  into  the  reaction  flask  a 
glass  rod  from  the  end  of  which  is  suspended  a  drop  of  barium 
hydroxide.  If  the  drop  becomes  turbid,  the  presence  of  carbon 
dioxide  is  indicated. 

Nitrite  ion,  N02~ 

Experiment  27.  a.  If  a  dilute  solution  of  a  nitrite  is  acidified, 
a  pale  blue  solution  containing  nitrous  acid  results.  The  acid  is 
very  unstable,  and  when  its  solution  is  warmed  it  decomposes 
into  water  and  a  brown  gas.  When  a  nitrite,  either  the  solid 
salt  or  a  concentrated  solution  of  it,  is  treated  with  an  acid,  the 
nitrous  acid  decomposes  at  once.  Give  equation.  Can  a  nitrite 
be  distinguished  from  a  nitrate  by  this  behavior?  All  nitrites 
are  soluble  in  water,  but  the  silver  salt  is  only  sparingly  soluble 
in  cold  water. 

b.  Add  to  a  solution  of  sodium  nitrite,  in  a  test  tube,  some 
ferrous  sulfate,  and  then  carefully  pour  acetic  acid  into  the  tube 
so  that  the  acid  does  not  mix  with  the  solution.  Observe  the 
formation  of  a  brown  ring  at  the  zone  between  the  two  liquids. 
To  what  is  it  due  ?  Acidify  a  solution  of  sodium  nitrite  with 
acetic  acid  and  add  to  the  solution  a  drop  or  two  of  potassium 
iodide.  Shake  the  mixture  with  3  cc.  of  chloroform.  Explain 
results.  Do  nitrates  give  similar  tests  ?  Does  nitric  acid  ? 

c.  To  a  solution  of  potassium  permanganate  acidified  with 
H2S04  add  sodium  nitrite,  drop  by  drop,  until  the  color  of  the 
permanganate  is  discharged.  Give  equation. 

d.  Dissolve  5  g.  of  urea  in  20  cc.  of  hydrochloric  acid.  Add 
the  solution  to  a  fermentation  tube  and  adjust  the  liquid  so  that 
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the  longer  arm  is  filled  completely  and  the  shorter  one  not  more 
than  halfway.  By  means  of  a  dropping  pipette  with  a  curved 
tip  introduce  1  cc.  of  a  sodium  nitrite  solution  into  the  upright 
arm  of  the  tube.  If  a  fermentation  tube  is  not  available,  use  a 
test  tube  filled  with  the  urea  solution  and  invert  it  in  an  evapo¬ 
rating  dish  containing  the  same  solution.  The  production  of 
carbon  dioxide  and  nitrogen,  which  collect  in  the  tube,  is  a 
test  for  a  nitrite. 

e.  Boil  a  solution  containing  two  or  three  drops  of  sodium 
nitrite  and  1  g.  of  ammonium  sulfate  until  every  trace  of  nitrite 
is  destroyed.  Test  small  portions  of  the  solution  at  five-minute 
intervals  for  the  nitrite  ion.  How  much  time  is  required  for 
the  complete  decomposition  ?  Give  results  and  explain. 

f.  Upon  the  addition  of  an  acidulated  solution  of  a  nitrite  (for 
example,  NaN02)  to  a  mercurous  salt 1  the  Hg+  is  reduced  to  Hg. 
On  the  other  hand,  such  a  solution  will  oxidize  indigo  to  isatin. 
The  gases  given  off  from  a  solution  of  a  nitrite  acidulated  with 
acetic  acid  will  color  a  potassium  iodide  starch  test  paper  blue. 

g.  Acidify  a  solution  of  a  nitrite  with  acetic  acid  and  add  to 
it  a  solution  of  ferrous  sulfate.  What  is  the  color  of  the  mixture? 
Boil  it  and  note  the  change.  Does  a  nitrate  give  this  reaction 
in  the  presence  of  acetic  acid  ? 

Sulfite  ion,  S03 — 

Experiment  28.  a.  Sulfurous  acid  is  so  unstable  that  it  can  be 
obtained  only  in  a  water  solution.  It  is  a  reducing  agent,  but 
in  some  cases  it  acts  as  an  oxidizer.  The  sulfites  of  the  alkali 
metals  are  readily  soluble.  Other  sulfites,  except  the  acid  sul¬ 
fites,  are  sparingly  soluble.  They  are  all  decomposed  by  acids 
with  the  evolution  of  sulfur  dioxide.  Pass  a  stream  of  sulfur 
dioxide  into  a  solution  of  potassium  dichromate.  What  is  the 
result  ?  Acidify  a  solution  of  stannous  chloride  with  hydro¬ 
chloric  acid,  and  then  pass  S02  into  it.  Prove  that  the  stannous 
ion  is  oxidized  to  the  stannic  ion. 

b.  Treat  a  dilute  ferric  chloride  solution  with  sulfur  dioxide. 
Note  change  in  color  of  the  chloride  solution.  Pass  sulfur 

1  Mercurous  nitrate  acidulated  with  nitric  acid. 
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dioxide  into  a  solution  of  barium  hydroxide.  Is  the  precipitate 
soluble  in  an  excess  of  the  gas  and  in  dilute  hydrochloric  acid  ? 

c.  Into  a  solution  of  potassium  permanganate  pass  S02  until 
the  solution  is  colorless.  Add  HC1  and  BaCl2  solution.  Give 
results  and  explain. 

d.  Add  sodium  sulfite  to  a  solution  of  lead  acetate.  Boil 
the  mixture.  Is  •  any  change  noticed  ?  Repeat,  using  sodium 
thiosulfate  instead  of  the  sulfite.  Note  difference  and  explain. 
Do  these  reactions  distinguish  a  sulfite  from  a  thiosulfate? 

e.  Saturate  10  cc.  of  water  with  S02  and  add  bromine  water 
in  slight  excess.  Treat  the  solution  with  HC1  and  then  with 
BaCl2  solution.  Explain  results. 

/.  Treat  a  strontium  nitrate  solution  with  sodium  sulfite  and 
sodium  thiosulfate.  Allow  the  mixture  to  stand  in  a  closed 
flask  until  the  next  laboratory  period.  Test  the  precipitate 
for  a  sulfite  and  the  solution  for  a  thiosulfate  (see  Exp.  31). 

Hypochlorite  ion,  C10~ 

Experiment  29.  a.  Hypochlorous  acid  is  known  only  in  dilute 
water  solution,  since  it  is  quite  unstable.  It  is  a  powerful  oxidiz¬ 
ing  agent.  All  hypochlorites  are  soluble  and  are  decomposed  by 
acids  (even  by  such  a  weak  acid  as  carbonic),  with  the  libera¬ 
tion  of  chlorine.  Treat  a  little  bleaching  powder  with  dilute 
HC1.  Write  equation.  Silver  hypochlorite,  although  soluble 
in  water,  decomposes  quickly  into  AgCl  and  AgC103. 

b.  Shake  a  globule  of  mercury  with  a  hypochlorite  solution. 
Note  the  formation  of  the  yellowish  red  oxychloride  Hg2OCl2. 
Other  salts 'of  chlorine  acids,  as  well  as  molecular  chlorine,  do 
not  have  this  action  upon  mercury. 

c.  The  hypochlorites  decolorize  indigo,  but  a  solution  of 
KMn04  is  not  decolorized  by  them.  They  liberate  iodine  from 
an  acidulated  solution  of  potassium  iodide. 

d.  Carefully  acidify  5  cc.  of  a  solution  of  a  hypochlorite  with 
acetic  acid.  Add  to  the  clear  solution  (filter  if  necessary)  3  cc. 
of  lead  acetate  and  heat  the  mixture  to  boiling.  After  ten 
minutes  examine  the  precipitate.  Give  the  color.  What  is  it? 
This  is  a  characteristic  and  specific  test  for  a  hypochlorite. 
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Chlorate  ion,  C103" 

Experiment  30.  a.  A  solution  of  about  40  per  cent  chloric 
acid  can  be  obtained  by  concentrating  a  water  solution  of  the 
acid  under  diminished  pressure,  care  being  taken  not  to  let 
the  temperature  rise  above  40°.  The  acid  is  an  active  oxidizing 
agent,  and  decomposes  above  40°  into  water,  chlorine  dioxide, 
and  perchloric  acid.  All  chlorates  are  soluble  in  water,  but 
those  of  mercury,  tin,  and  bismuth  are  hydrolyzed  and  thus 
require  the  presence  of  free  acid  for  their  solution. 

b.  Warm  one  crystal  of  potassium  chlorate  with  concentrated 
sulfuric  acid.  (CARE /)  What  is  the  explosive  substance  that  is 
formed  ?  A  chlorate  when  ignited  leaves  a  chloride  as  a  residue. 
Hydrochloric  acid  decomposes  chlorates  with  the  evolution  of 
chlorine  and  C102. 

c.  Dissolve  a  few  crystals  of  KC103  in  concentrated  hydro¬ 
chloric  acid  and  heat  the  mixture  with  phenol.  Note  the  color 
of  the  liquid.  Is  it  cloudy  ?  Add  to  it  an  excess  of  sodium 
hydroxide.  Give  observations.  Nitrates  give  a  similar  test. 

d.  Determine  whether  chlorates  are  reduced  to  chlorides  by 
zinc  in  acid  solutions ;  by  aluminium  and  sodium  hydroxide ; 
by  sulfur  dioxide. 

Thiosulfate  ion,  S203 — 

Experiment  31.  a .  Thiosulfuric  acid  is  not  known  in  the 
free  state ;  when  liberated  from  its  salts,  by  the  addition  of  an 
acid,  it  breaks  down  into  sulfur,  sulfur  dioxide,  and  water. 
This  behavior  distinguishes  thiosulfates  from  sulfites,  since  the 
latter  give  only  sulfur  dioxide  and  water  when  acidified.  The 
greater  number  of  thiosulfates  are  soluble ;  the  silver,  lead, 
and  barium  salts  are  difficultly  soluble. 

b.  Add  sodium  thiosulfate  to  5  cc.  of  lead  acetate  until 
no  further  precipitation  occurs.  Boil  the  mixture.  To  what  is 
the  black  color  of  the  solid  due  ?  Does  the  sulfite  of  lead 
behave  in  this  manner?  A  solution  of  the  thiosulfate  turns 
Hg2Cl2  black. 

c.  Make  a  very  dilute  solution  of  sodium  sulfate,  sodium 
sulfite,  and  sodium  thiosulfate.  Add  an  excess  of  barium 
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chloride  and  ammonium  chloride  to  the  solution,  and  then  just 
enough  hydrochloric  acid  to  dissolve  all  of  the  precipitate  except 
the  BaSC) .  Filter1  and  treat  the  mixture  with  a  solution  of 

4 

iodine  (as  long  as  it  is  decolorized),  to  oxidize  the  sulfite  to 
the  sulfate  and  to  change  the  thiosulfate  into  the  tetrathionate 
ion,  S406  .  Add  more  barium  chloride,  if  enough  has  not 
been  added  previously,  to  free  the  solution  from  any  sulfate. 
Again  filter,  treat  the  solution  with  bromine  water,  and  note 
the  formation  of  a  white  precipitate  of  barium  sulfate.  The 
bromine  water  oxidizes  the  tetrathionate  to  the  sulfate.  Can 
the  presence  of  S04  ,  S03  ,  and  S203  be  determined  in  a 
mixture  of  the  three  by  this  means  ? 

Group  B 

Phosphate  ion,  P04 - 

Experiment  32.  a.  Orthophosphoric  acid,  H3P04,  when  kept 
at  250°-260°,  loses  water  and  is  slowly  changed  into  pyro- 
phosphoric  acid.  If  it  is  heated  strongly,  metaphosphoric  acid 
is  produced.  The  orthoacid  is  tribasic  and  forms  three  classes 
of  salts:  primary,  secondary,  and  tertiary  orthophosphates.  Test 
with  litmus  paper  solutions  of  primary,  secondary,  and  tertiary 
sodium  phosphates,  respectively,  and  give  results.  Judging 
from  the  behavior  of  the  solutions,  what  conclusion  is  drawn 
as  to  the  relative  tendency  of  the  three  hydrogen  radicals  in 
phosphoric  acid  to  become  ionic  ?  The  alkali  phosphates  are 
soluble ;  other  phosphates,  except  acid  phosphates,  are  insoluble 
in  water  but  soluble  in  acids.  BiPO,  is  insoluble  in  dilute 
nitric  acid. 

b.  Treat  a  solution  of  sodium  phosphate  with  magnesia 
mixture.  See  Exp.  7,  a.  To  a  Na2HP04  solution  add  silver 
nitrate.  Give  color  of  the  precipitate. 

c.  To  a  solution  of  sodium  phosphate  add  a  considerable 
excess  of  ammonium  molybdate  (nitric  acid  solution).  Gently 

1  If  the  filtrate  is  not  clear,  pour  it  through  the  filter  again.  If  the  second 
filtrate  becomes  clouded,  discard  it.  Make  a  more  dilute  solution  of  the  salts 
and  carry  out  the  procedure  with  it. 
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warm  the  mixture  and  note  the  formation  of  a  canary-yellow  pre¬ 
cipitate  of  ammonium  phosphomolybdate,  (NH4)3P04  •  12  Mo03  • 
6  H20.  Collect  the  precipitate  on  a  filter,  wash  it,  and  dissolve 
it  in  a  little  ammonium  hydroxide.  Add  magnesia  mixture  to 
the  ammoniacal  solution.  What  is  the  precipitate? 

d.  The  presence  or  absence  of  phosphate  is  determined  during 
the  analysis  of  the  metal  ions,  since  it  causes  a  complication  and 
must  be  removed  before  testing  for  the  fourth  group.  Attention 
is  called  to  the  fact  that  either  an  arsenate  or  a  silicate  will  give 
a  yellow  precipitate  with  ammonium  molybdate ;  but  neither  of 
them  shows  this  behavior  except  when  heated  with  the  reagent, 
while  a  phosphate  gives  the  reaction  slowly  in  the  cold. 

Metaborate  ion,  B02~  ;  tetraborate  ion,  B407 — 

Experiment  33.  a.  Orthoboric  acid  is  a  very  feeble  acid  which 
is  not  readily  soluble  in  water.  A  little  above  100°  it  is  con¬ 
verted  into  metaboric  acid,  while  at  140°-160°  it  gives  tetraboric 
acid.  Orthoborates  are  quite  unstable,  but  magnesium  ortho¬ 
borate  is  known.  The  alkali  borates  are  readily  soluble  in 
water,  while  most  of  the  other  borates  are  almost  insoluble  or 
sparingly  so.  Ordinary  borax,  Na2B407,  is  the  most  common  salt 
containing  boron. 

b.  Add,  drop  by  drop,  hydrochloric  acid  to  a  solution  of  borax 
until  the  solution  is  just  acid  to  litmus.  Moisten  a  slip  of  tur¬ 
meric  paper  with  the  solution ;  place  it  on  a  watch  glass  and 
dry  it  on  a  steam  bath.  The  reddish  brown  color  of  the  paper 
becomes  more  pronounced  as  the  strip  becomes  dry.  The  color 
is  changed  to  a  greenish  black  by  moistening  the  test  paper  with 
an  alkali. 

c.  Mix  0.1  g.  of  powdered  borax  or  boric  acid  with  an  equal 
weight  of  calcium  fluoride  and  four  times  its  weight  of  potas¬ 
sium  acid  sulfate.  Add  to  the  mixture  enough  water  to  make  a 
paste.  Collect  some  of  the  material  in  a  loop  of  platinum  wire 
and  heat  it  in  the  edge  of  a  nonluminous  flame.  A  green 
coloration  is  produced.  Give  the  equations. 

d.  Introduce  into  a  50-cc.  conical  flask  0.1  g.  of  sodium  tetra¬ 
borate,  10  cc.  of  concentrated  sulfuric  acid,  and  10  cc.  of  methyl 
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alcohol.  Fit  the  flask  with  a  one-hole  cork  carrying  a  7  cm. 
straight  glass  tube.  Heat  the  mixture  and  ignite  the  alcohol 
vapor  as  it  issues  from  the  jet.  Keep  the  alcohol  boiling  rather 
vigorously  and  note  the  green  coloration  of  the  flame.  If  a 
chloride  or  bromide  is  present,  there  is  likely  to  be  formed  a 
methyl  halide  which  would  impart  a  green  edge  to  the  flame. 

Cyanide  ion,  CN~ 

Experiment  34.  a.  Hydrocyanic  acid  (prussic  acid)  is  a  color¬ 
less  liquid  boiling  at  26.5°.  Particular  care  must  be  taken 
to  avoid  inhaling  its  vapor,  since  it  is  highly  poisonous.  In 
water  solution  it  is  an  extremely  feeble  acid,  and  consequently 
is  readily  liberated  from  its  salts  by  acids.  Precautions  should  be 
taken  not  to  treat  cyanides  with  a  strong  acid.  Of  the  cyanides  the 
alkali,  alkaline-earth,  and  mercuric  salts  are  soluble  ;  other  cyan¬ 
ides  are  insoluble  in  water,  but  many  of  them  dissolve  in  an  excess 
of  an  alkali  cyanide.  Barium  cyanide  is  only  sparingly  soluble. 

b.  Treat  a  potassium  cyanide  solution  with  silver  nitrate  until 
a  precipitate  is  formed.  Add  to  the  mixture  KCN  solution. 
Does  the  precipitate  dissolve  ?  If  no  precipitate  is  formed  when 
AgN03  is  added  to  a  solution,  is  the  absence  of  a  cyanide 
proved?  Refer  to  Exp.  23,  d. 

c.  Treat  a  solution  of  mercuric  cyanide  with  HC1 ;  with  H2S04. 
Is  hydrocyanic  acid  liberated  ?  Saturate  a  Hg(CN)2  solution  with 
hydrogen  sulfide.  What  is  the  result  ?  Explain  the  peculiar 
behavior  of  mercuric  cyanide  under  these  conditions. 

d.  Add  to  0.5  cc.  of  potassium  cyanide  0.5  cc.  of  ferrous  sul¬ 
fate.  Make  the  solution  alkaline  with  1  cc.  of  NaOH ;  add  a 
few  drops  of  FeCl3  and  gently  boil  the  mixture.  Acidify  it  with 
hydrochloric  acid  and  note  the  formation  of  a  blue  precipitate. 
What  is  it  ?  Is  this  a  characteristic  test  for  a  cyanide  ?  W ould 
mercuric  cyanide  give  this  test  ?  What  modification  of  the  test 
is  necessary  in  order  to  identify  the  CN~  of  Hg(CN)2  ? 

e.  To  0.5  cc.  of  potassium  cyanide  add  2  cc.  of  ammonium  poly¬ 
sulfide.  Evaporate  the  mixture  just  to  dryness  on  a  steam  bath. 
Dissolve  the  residue  in  water ;  acidify  the  solution  with  HC1  and 
add  to  it  a  drop  or  two  of  ferric  chloride.  Give  explanations. 
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Iodate  ion,  I03” 

Experiment  35.  a.  Iodic  acid  is  a  white  crystalline  solid  melt¬ 
ing  at  110°.  It  loses  water  at  170°,  leaving  iodic  anhydride, 
which  decomposes  into  iodine  and  oxygen  at  300°.  It  is  formed 
by  passing  chlorine  through  a  suspension  of  iodine  in  water,  or, 
better,  by  oxidizing  iodine  with  nitric  acid.  A  water  solution 
of  the  acid  reddens  litmus  and  then  bleaches  it.  Barium  and 
silver  iodates  are  very  nearly  insoluble  in  water,  AgI03  being 
the  less  soluble. 

5.  Try  the  action  of  the  following  reducing  agents  on  iodic 
acid:  hydrogen  sulfide,  sulfur  dioxide,  arsenous  acid,  ferrous 
sulfate,  and  potassium  ferrocyanide  acidulated  with  sulfuric 
acid.  Which  of  these  agents,  in  excess,  reduce  the  iodate  to  the 
iodide  ion  and  which  reduce  I08"  to  iodine  only  ?  Nitric  acid 
often  contains  a  trace  of  iodic  acid.  Why?  To  a  dilute  solution 
of  nitric  acid  containing  a  little  iodic  acid  add  a  little  starch 
emulsion.  Cover  the  mixture  with  a  few  drops  of  hydrogen 
sulfide  water  and  note  the  formation  of  a  blue  zone. 

c.  Acidify  with  acetic  acid  a  solution  containing  KIOg  and  KI. 
Shake  the  mixture  with  chloroform.  What  is  the  result  ?  This 
reaction  serves  as  a  method  of  identifying  iodates  in  the  presence 
of  iodides,  except  when  other  ions  (for  example,  CIO-,  C103-, 
N02-,  NOg-,  Cr207  ),  which  oxidize  I-  to  free  iodine,  are  present. 

d.  Add  silver  nitrate  to  2  cc.  of  a  mixed  iodate  and  iodide 
solution.  Treat  the  precipitate  with  ammonium  hydroxide,  in 
which  only  the  iodate  is  soluble.  Filter,  and  acidulate  the  filtrate 
with  sulfuric  acid.  Collect  the  precipitate  and  heat  it  for  three 
minutes  with  sulfurous  acid.  Is  the  residue  soluble  in  ammonium 
hydroxide  ?  What  is  its  color  ?  What  is  it  ?  100  cc.  of  normal 
ammonium  hydroxide,  at  25°,  dissolves  only  0.6  milligram  of 
silver  iodide. 

Bromate  ion,  Br03“ 

Experiment  36.  a.  Bromic  acid  is  known  only  in  solution.  It 
is  a  powerful  oxidizing  agent.  At  100°  it  decomposes.  With 
the  exception  of  AgBr03,  Ba(Br03)2  and  some  basic  bromates, 
all  bromates  are  soluble  in  water. 
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b.  Bromic  acid  is  reduced  to  bromine  by  oxalic  acid,  hydro- 
bromic  acid,  nitrous  acid,  sulfur  dioxide,  and  a  variety  of  other 
reducing  agents.  It  is  reduced  to  a  bromide  by  phosphorous 
acid,  arsenous  acid,  sulfur  dioxide,  or  sulfur.  Oxalic  acid,  except 
when  it  is  hot  and  concentrated,  does  not  reduce  a  bromate 
to  HBr. 

c.  Treat  a  solution  of  KBr  with  cold  dilute  sulfuric  acid.  Is 
any  change  noted  ?  Acidify  a  KBrOg  solution  with  cold  dilute 
sulfuric  acid.  Is  there  any  evidence  of  a  chemical  change  ?  Does 
the  solution  remain  clear?  Now  mix  the  two  solutions.  Give 
result  and  explain.  Extract  the  mixture  with  chloroform. 
Under  what  condition  would  this  test  give  conclusive  evidence 
of  the  presence  of  a  bromate  ? 

d.  Acidulate  a  solution  containing  KBr,  KIOg,  and  KBr03 
with  hydrochloric  acid.  Separate  the  liberated  halogen  with 
chloroform.  What  is  it  ? 

e.  Make  a  solution  of  KBrOg  just  acid  to  litmus  with  sulfuric 
acid  and  treat  the  solution  with  manganous  sulfate.  Boil  the 
mixture.  What  is  the  precipitate  ?  Iodates  and  chlorates  do 
not  show  a  similar  behavior. 

Sulfide  ion,  S“  - 

Experiment  37.  a.  Hydrogen  sulfide  is  a  highly  poisonous, 
colorless  gas  with  a  characteristic  odor  by  which  it  is  readily 
recognized.  At  10°  one  volume  of  water  dissolves  3.6  volumes 
of  the  gas,  giving  a  solution  from  which  all  the  H2S  may  be 
removed  by  boiling.  Since  it  is  a  dibasic  acid,  it  forms  both  acid 
and  normal  salts. 

b.  Warm,  separately,  NaHS,  FeS,  SnS,  As2S3,  HgS  with  both 
dilute  and  concentrated  hydrochloric  acid.  Test  with  a  strip  of 
filter  paper  moistened  with  lead  acetate  the  vapor  given  off,  in 
each  case,  for  hydrogen  sulfide.  Is  H2S  evolved  in  each  instance? 
Explain.  Fuse  mercuric  sulfide  with  sodium  carbonate  in  the 
oxidizing  flame  of  the  blowpipe  and  treat  the  residue  with 
hydrochloric  acid.  Is  H2S  evolved?  Under  what  condition 
does  a  sulfate  give  a  sulfide  upon  fusion  ?  a  sulfide  a  sulfate  ? 
Place  a  mixture  of  sodium  carbonate  and  mercuric  sulfide  in  a 
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matrass  and  cover  the  mixture  with  anhydrous  Na2C03.  First 
heat  the  layer  of  carbonate  and  then  the  mixture.  Treat  the 
product  with  HCd.  Is  H2S  evolved  ? 

c.  Heat  a  sulfide  with  concentrated  H2S04 ;  with  concentrated 
HN03;  with  aqua  regia.  Note  whether  hydrogen  sulfide  is 
evolved  in  each  case.  Write  equations. 

d.  Pass  hydrogen  sulfide  into  ammonium  hydroxide  and  add 
to  the  solution  one  drop  of  a  20  per  cent  solution  of  sodium 
nitroferricyanide.  Note  the  color.  The  color  is  destroyed  by 
sodium  hydroxide.  The  alkali  sulfides  give  this  color  reaction. 

Ferrocyanide  ion,  Fe(CN)6 

Experiment  38.  a.  Pure  hydroferrocyanic  acid  is  a  non¬ 
volatile,  white,  crystalline  solid  readily  soluble  in  water,  forming 
a  strongly  acidic  solution.  It  is  slowly  oxidized  by  the  oxygen 
of  the  air,  decomposing  at  the  same  time  into  hydrocyanic  acid, 
ferric  ferrocyanide,  and  water.  The  ferrocyanides  of  the  alkali 
and  alkaline-earth  metals  (except  barium  ferrocyanide,  which  is 
sparingly  soluble)  are  the  only  salts  of  hydroferrocyanic  acid 
that  are  soluble  in  water. 

b.  Add  to  10  cc.  of  water  2  or  3  drops  of  ferric  chloride  and 
treat  one  half  of  the  dilute  solution  with  0.5  cc.  of  potassium 
ferrocyanide  solution.  To  the  other  half  of  the  solution  add 
potassium  ferricyanide.  Give  results. 

c.  Add  silver  nitrate  to  solutions  of  potassium  ferrocyanide 
and  ferricyanide  in  separate  test  tubes.  Give  color  of  each  pre¬ 
cipitate.  Treat  the  precipitates  separately  with  ammonium 
hydroxide.  Which  one  dissolves  ?  Treat  the  undissolved 
precipitate,  after  it  has  been  separated  and  washed,  with  a 
ferric  chloride  solution.  What  change  is  noted  ?  Acidify  the 
ammoniacal  solution  containing  the  soluble  complex  cyanide 
with  acetic  acid.  Collect  the  precipitate  and  treat  it  with 
ferrous  sulfate.  Give  observations.  Recall  the  formation  of 
copper  ferrocyanide. 

d.  When  the  ferrocyanides  are  ignited,  they  decompose  with 
the  formation  of  nitrogen,  cyanides,  and  iron  carbide ;  K4Fe(CN)6, 
for  example,  yields  N2,  FeC2,  and  KCN, 
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Ferricyanide  ion,  Fe(CN)6 - 

Experiment  39.  a.  Pure  hydroferricyanic  acid  is  a  nonvolatile, 
brownish,  crystalline  solid  readily  soluble  in  water,  forming  an 
acidic  solution.  The  acid  is  usually  decomposed  when  liberated 
from  its  salts  by  acids.  The  ferricyanides  of  the  alkali  and 
alkaline-earth  metals  are  soluble  in  water,  while  other  salts  of 
hydroferricyanic  acid  are  difficultly  soluble. 

b.  Make  a  dilute  solution  of  pure  ferrous  sulfate  and  divide 
it  into  two  portions.  To  one  portion  add  potassium  ferro- 
cyanide  and  to  the  other  potassium  ferricyanide.  Compare  the 
results  with  those  obtained  in  Exp.  38,  b.  How  may  ferro- 
cyanide  and  ferricyanide  be  distinguished  ? 

c.  Detection  of  the  components  of  a  mixture  containing  a 
cyanide,  ferrocyanide,  and  ferricyanide.  The  complex  cyanides, 
such  as  those  of  iron,  are  not  so  easily  decomposed  as  the 
simpler  cyanides.  Hydrocyanic  acid  is  liberated  from  its  salts  by 
such  a  feeble  acid  as  carbonic,  while  both  hydroferrocyanic  and 
hydroferricyanic  acids  decompose  carbonates.  Grind  together 
equal  quantities  of  KCN,  K4Fe(CN)6,  and  KgFe(CN)6  and 
mix  from  half  a  gram  to  a  gram  of  the  ground  material  with  2  g. 
of  powdered  CaC03  and  10  cc.  of  water.  Place  the  mixture  in 
a  30-cc.  flask  provided  with  a  thistle  tube  and  a  delivery  tube 
leading  into  sodium  hydroxide.  Add  gradually  through  the 
thistle  tube  from  2  to  6  cc.  of  sulfuric  acid.  Heat  the  mixture  for 
a  few  minutes  on  a  water  bath  kept  at  75°  and  lead  the  evolved 
HCN  into  sodium  hydroxide.  Test  the  distillate  for  a  cyanide  by 
Exp.  34,  d ,  and  the  liquid  in  the  distilling  flask  for  a  ferro¬ 
cyanide  and  a  ferricyanide  by  Exp.  38,  c. 

Fluoride  ion,  F~ 

Experiment  40.  a.  Hydrogen  fluoride  is  a  colorless  corrosive 
liquid.  What  is  its  boiling  point  ?  It  dissolves  readily  in 
water  to  give  hydrofluoric  acid,  which  interacts  with  metals 
such  as  zinc  and  lead  less  vigorously  than  hydrochloric  acid. 
It  attacks  glass  and  porcelain  with  the  formation  of  silicon 
tetrafluoride.  Either  the  gas  or  its  water  solution  acts  on  the 
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flesh,  producing  persistent  ulcers.  The  fact  that  hydrofluoric 
acid  yields  both  normal  and  acid  salts  indicates  that  it  is 
dibasic  and  that  its  formula  is  H2F2.  Judging  from  the  solu¬ 
bility  of  the  various  halogen  salts,  what  anomalies  are  noted 
in  respect  to  the  solubility  of  fluorides  ?  Consult  table  of 
solubilities. 

b.  Add  potassium  or  ammonium  fluoride  to  a  calcium  chloride 
solution.  Is  the  precipitate  soluble  in  acetic  acid  ?  hydrochloric 
acid  ?  nitric  acid  ?  What  other  salt  of  calcium  behaves  towards 
acids  in  the  same  manner? 

c.  Coat  a  piece  of  glass  with  paraffin  and  write  through  the 
film  with  a  sharp-pointed  instrument.  Make  a  paste  of  calcium 
fluoride  and  concentrated  sulfuric  acid  in  a  lead  dish.  Cover 
the  dish  with  the  glass  plate  so  that  its  waxed  side  will  be 
exposed  to  the  fumes  from  the  reacting  mixture.  Allow  the 
dish  to  stand  in  a  warm  place  for  an  hour ;  remove  the  paraffin 
and  note  that  the  glass  is  etched.  Mix  calcium  fluoride  with 
an  equal  quantity  of  powdered  silica.  Place  the  mixture  in  a 
small  test  tube  and  warm  it  with  concentrated  sulfuric  acid. 
Suspend  a  drop  of  water  in  a  loop  of  platinum  wire  near  the 
center  of  the  tube.  Note  that  the  water  becomes  clouded. 
Explain. 

d.  Grind  together  0.1  g.  of  calcium  fluoride,  0.4  g.  of  potas¬ 
sium  hydrogen  sulfate,  and  about  0.02  g.  of  powdered  silica. 
Place  the  mixture  in  a  matrass  (made  from  7-mm.  tubing)  of 
such  a  size  that  the  bulb  is  only  one-third  filled.  Heat  the 
material  very  gently  until  the  sulfate  melts,  but  do  not  allow 
it  to  froth,  and  then  continue  to  heat  a  little  more  strongly 
the  bulb  and  the  lower  part  of  the  neck  until  no  further  action 
is  observed.  Note  carefully  the  formation  of  any  deposit  in 
the  upper  part  of  the  matrass.  Cut  off  the  bulb  where  it 
joins  the  tube.  Is  the  lower  part  of  the  tube  etched?  Place 
the  tube  first  in  water  containing  a  few  drops  of  ammonium 
hydroxide,  and  then  for  a  minute  in  pure  water.  Remove  it 
from  the  water,  dry  it,  and  ignite  it  strongly.  The  deposit 
should  be  white  after  it  is  heated.  Give  explanation  for 
each  step.  Write  equations. 
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Chromate  ion,  Cr04 — 

Experiment  41.  a.  Some  of  the  properties  of  chromates  and 
dichromates  have  been  given.  Their  detection  is  usually  made 
during  the  analysis  of  the  basic  components.  When  present, 
they  are  reduced  by  hydrogen  sulfide  and  identified  in  Group  III. 
Orange  solutions  contain  chiefly  the  dichromate  ion;  the  yellow 
solutions,  mainly  the  chromate  ion. 

b.  Acidify  5  cc.  of  water  containing  three  or  four  drops  of 
potassium  dichromate  with  sulfuric  acid.  To  the  solution  add 
5  cc.  of  ether  and  shake  the  mixture ;  then  add  a  drop  or  two 
of  hydrogen  peroxide  and  shake  out  the  solution  with  ether. 
The  ether  dissolves  out  the  blue  color.  How  could  this  test 
be  applied  to  detection  of  chromium  in  a  lower  state  of  oxida¬ 
tion  ?  An  excess  of  either  dichromate  or  hydrogen  peroxide 
renders  the  test  less  delicate  or  may  destroy  the  blue  color 
entirely. 


Group  C 

Sulfate  ion,  S04 

Experiment  42.  a.  Give  the  properties  of  sulfuric  acid.  What 
two  classes  of  salts  does  it  give  ?  Arrange  the  sulfates  in  the 
order  of  their  solubilities. 

b.  Add  1  cc.  of  hydrochloric  acid  to  5  cc.  of  sodium  sulfate. 
Heat  the  solution  to  boiling  and  add  5  cc.  of  barium  chloride. 
The  precipitate  (BaS04)  is  insoluble  in  dilute  acids. 

c.  Boil  barium  sulfate  for  five  minutes  with  sodium  carbonate 
solution.1  Collect  the  solid  material  on  a  filter  and  try  its 
solubility  in  hydrochloric  acid.  Is  it  completely  or  only  partly 
soluble  ?  Filter  and  test  the  filtrate  for  barium.  Test  the 
sodium  carbonate  solution  from  the  first  filtration  for  sulfate. 
Explain. 

d.  Mix  1  g.  of  BaS04  with  ten  times  .its  weight  of  anhydrous 
sodium  carbonate.  Strongly  ignite  the  mixture  in  a  platinum 
or  a  nickel  crucible  until  a  homogeneous  fusion  results.  Cool 
the  crucible,  transfer  it  to  a  porcelain  dish,  and  digest  it  with 


1  Use  a  saturated  solution. 
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boiling  water  until  tlie  fused  material  is  disintegrated.  Filter  and 
test  the  filtrate  for  a  sulfate.  Of  what  does  the  residue  consist  ? 

e.  Mix  0.1  g.  of  sodium  sulfate  with  an  equal  amount  of 
sodium  carbonate  and  the  same  quantity  of  powdered  charcoal. 
Moisten  the  mixture  and  place  it  in  a  cavity  in  a  piece  of 
charcoal.  Heat  the  contents  of  the  cavity  strongly  with  the 
reducing  flame  of  a  blowpipe.  Remove  the  residue  and  place 
it  on  a  bright  silver  coin.  Moisten  the  fused  mass  with  water 
and  crush  it  with  a  stirring  rod.  Then  add  a  drop  of  hydro¬ 
chloric  acid  and  note  the  odor;  also  examine  the  coin.  Is  it 
discolored  ?  Explain.  Could  this  test  be  carried  out  with 
barium  sulfate  ? 

Fluosilicate  ion,  SiF6 — 

Experiment  43.  a.  Fluosilicic  acid  is  a  strong  dibasic  acid, 
stable  only  in  solution.  The  acid  is  decomposed  by  heat  into  sili¬ 
con  tetrafluoride  and  hydrofluoric  acid ;  by  water  into  hydrofluoric 
acid  and  silicic  acid  ;  by  ammonium  hydroxide  into  ammonium 
fluoride  and  silicic  acid.  Most  of  the  fluosilicates  are  soluble  in 
water.  The  barium,  sodium,  and  potassium  salts  are  only 
sparingly  soluble  in  water  and  are  made  insoluble  by  the 
addition  of  alcohol. 

b.  Barium  fluosilicate,  like  barium  sulfate,  is  practically  in¬ 
soluble  in  dilute  hydrochloric  acid ;  but  unlike  the  sulfate  it  is 
quite  soluble  in  the  concentrated  acid. 

c.  When  a  fluosilicate  is  heated  with  concentrated  sulfuric 
acid,  what  gases  are  evolved  ? 

d.  How  may  barium  sulfate  be  distinguished  from  barium 
fluosilicate  ? 

Group  D 

Chloride  ion,  Cl~ 

Experiment  44.  a.  Give  the  properties  of  hydrochloric  acid. 
What  chlorides  are  very  nearly  insoluble  ? 

b.  Acidify  a  solution  of  sodium  chloride  with  nitric  acid  and 
add  silver  nitrate  to  the  solution.  Add  to  the  precipitate  an 
excess  of  ammonium  hydroxide.  Give  result.  What  other 
silver  salts  are  white  and  insoluble  in  dilute  nitric  acid  ? 
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When  is  this  test  conclusive  for  a  chloride?  Note:  What 
colored  silver  salts  which  are  insoluble  in  dilute  nitric  acid 
are  likely  to  mask  the  white  color  of  silver  chloride  ?  The 
chloride  ion  is  identified  after  the  removal  of  other  ions  which 
interfere  with  this  test. 

c.  Acidify  with  sulfuric  acid  a  solution  containing  sodium 
chloride,  bromide,  and  iodide.  Bubble  air  through  the  solution 
during  the  laboratory  period  and  then  note  the  result.  Which 
halide  ion  is  the  most  easily  oxidized? 

Bromide  ion,  Br~ 

Experiment  45.  a.  Give  the  properties  of  hydrobromic  acid 
and  the  solubility  of  its  salts. 

b.  Treat  with  silver  nitrate  a  solution  of  sodium  bromide, 
acidulated  with  nitric  acid.  What  is  the  color  of  the  precipitate  ? 
Is  silver  bromide  as  readily  soluble  in  ammonium  hydroxide  as 
silver  chloride  ? 

c.  Add  chlorine  water  to  a  solution  of  sodium  bromide.  Shake 
out  the  solution  with  chloroform.  What  color  is  the  chloroform 
layer  ?  When  is  this  a  specific  test  for  a  bromide  ? 

d  To  5  cc.  of  an  aqueous  solution  of  sodium  bromide  and 
sodium  chloride,  in  a  separatory  funnel,  add  one  half  its  volume 
of  chloroform  and  5  cc.  of  sulfuric  acid.  Treat  the  mixture 
with  potassium  permanganate,  drop  by  drop,  until  a  slight 
pink  color  remains  after  the  contents  of  the  funnel  are  vigor¬ 
ously  shaken.  Extract  the  water  solution  twice  more  with 
chloroform.  If  the  liquid  is  turbid,  add  a  few  drops  of  hydrogen 
peroxide  to  clarify  it.  Test  the  aqueous  solution  for  a  chloride. 

e.  Mix  3  cc.  of  NaBr  solution  with  an  equal  volume  of  NaCl 
solution.  Add  5'  cc.  of  nitric  acid  and  dilute  the  mixture  to 
75  cc.  Add  a  few  crystals  of  potassium  persulfate1  and  boil 
the  solution.  Continue  the  addition  and  the  boiling  until  all  the 
bromine  is  expelled  and  the  solution  remains  colorless  upon  the 
addition  of  K2S208.  Boil  the  colorless  solution  for  two  minutes 
and  test  it  for  a  chloride.  In  the  presence  of  acetic  acid  K2S2Og 
fails  to  liberate  bromine  but  would  liberate  iodine  from  an  iodide. 


1  Or  ammonium  persulfate. 
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Iodide  ion,  I~ 

Experiment  46.  a.  Give  the  properties  of  hydriodic  acid  and 
the  solubility  of  its  salts. 

b.  Treat  with  silver  nitrate  a  solution  of  sodium  or  potassium 
iodide  acidulated  with  nitric  acid.  What  is  the  color  of  the 
precipitate?  Try  to  dissolve  Agl  in  ammonium  hydroxide.  Is 
it  soluble  ? 

c.  Add  chlorine  water  to  a  solution  of  an  iodide.  Shake  out 
the  solution  with  chloroform.  What  is  the  color  of  the  chloro¬ 
form  layer  ?  Is  this  a  specific  test  for  an  iodide  ? 

d.  Acidify  a  solution  (5  cc.)  of  a  chloride  and  an  iodide  with 
nitric  acid  until  it  reddens  blue  litmus  paper,  and  add  to  it  4  cc. 
of  ammonium  acetate,  1  cc.  of  acetic  acid,  and  3  cc.  of  chloroform. 
Treat  the  solution  with  potassium  permanganate,  drop  by  drop, 
until  the  pink  color  remains  after  the  substances  are  vigorously 
shaken.  (See  Exp.  45,  d.)  Extract  the  water  solution  twice 
more  with  chloroform  and  test  it  for  a  chloride. 

e.  Repeat  Exp.  45,  e,  using  potassium  iodide  instead  of 
sodium  bromide. 

/.  Method  for  the  detection  of  the  components  of  a  mixture  con¬ 
taining  a  chloride,  a  bromide,  and  an  iodide :  This  result  may  be 
accomplished  by  removing  the  iodide  by  Exp.  46,  d ,  the  bromide 
by  Exp.  45,  d ,  and  testing  the  remaining  solution  for  a  chlo¬ 
ride  with  silver  nitrate.  The  separation  can  also  be  effected  by 
carrying  out  Exp.  46,  e,  in  acetic  acid  and  Exp.  45,  e ,  as  directed. 

Acidify  the  solution  containing  the  halogen  salts  with  sulfuric 
acid.  Heat  the  solution  with  ferric  alum  until  no  more  iodine 
is  liberated  when  more  alum  is  added  to  the  boiling  solution. 
This  fact  can  be  ascertained  by  extracting  the  cooled  mixture 
with  chloroform.  Remove  the  bromide  by  treating  the  cool  solu¬ 
tion,  from  which  iodine  was  removed,  with  an  excess  of  1  per 
cent  potassium  permanganate  and  extracting  the  bromine  with 
chloroform.  Decompose  the  excess  of  permanganate  with  alcohol. 
Add  nitric  acid  and  silver  nitrate  to  the  solution.  A  white 
precipitate  is  silver  chloride. 

Another  method  of  removing  a  bromide  and  an  iodide  con¬ 
sists  in  boiling  a  mixture  of  the  two  with  a  solution  of  4  g.  of 
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K2Cr20?  dissolved  in  10  cc.  of  water.  This  liberates  and  expels 
iodine.  Now  0.8  cc.  of  dilute  sulfuric  acid  (consisting  of  equal 
volumes  of  water  and  concentrated  sulfuric  acid)  is  added  to  the 
solution,  which  is  then  boiled  to  remove  bromine.  Had  a  chloride 
been  present  in  the  mixture,  it  would  not  have  been  affected  and 
could  be  tested  for  after  the  removal  of  bromine  and  iodine. 

A  thiocyanate  is  destroyed  by  any  of  these  methods,  and  con¬ 
sequently  it  would  not  interfere  with  the  final  test  for  a  chloride. 

Thiocyanate  ion,  SCN- 

Experiment  47.  a.  Pure  hydrogen  thiocyanate  is  a  colorless, 
unstable  liquid  at  the  ordinary  temperature.  It  crystallizes  at 
12°  and  boils  at  85°.  It  dissolves  in  water  to  form  an  acidic 
solution,  but  even  in  dilute  solution  it  decomposes  slowly.  Con¬ 
sequently,  when  thiocyanates  are  treated  with  an  acid,  they  are 
more  or  less  decomposed,  according  to  the  concentration  and 
strength  of  the  acid,  and  also  the  solubility  of  the  thiocyanates. 

b.  Add  a  drop  or  two  of  ferric  chloride  to  a  very  dilute  solu¬ 
tion  of  ammonium  thiocyanate  (sulfocyanate)  acidulated  with  from 
2  to  3  drops  of  HC1.  The  red  color  which  results  is  discharged  by 
mercuric  chloride.  Extract  the  ferric  thiocyanate  with  ether.  It  is 
only  necessary  to  use  ether  when  testing  for  traces.  The  red  color 
in  the  ether  becomes  more  evident  by  concentrating  the  solution. 

c.  Boil  a  little  precipitated  silver  thiocyanate  for  three  min¬ 
utes  with  3  cc.  of  concentrated  sulfuric  acid.  Repeat,  using 
concentrated  nitric  acid  instead  of  H2S04.  Is  the  thiocyanate 
decomposed  in  each  instance  ?  What  effect  would  these  reagents 
have  on  AgCl  under  similar  treatment  ? 

Group  E 

Nitrate  ion,  N03~ 

Experiment  48.  a.  Give  the  properties  of  nitric  acid.  Are 
any  common  salts  of  the  acid  insoluble  ? 

b.  Heat  a  few  crystals  of  sodium  nitrate  and  a  piece  of  copper 
turnings  with  concentrated  sulfuric  acid.  Give  result  and  explain. 
Ferrous  sulfate  may  be  used  instead  of  copper. 
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c.  Place  5  cc.  of  concentrated  sulfuric  acid  in  a  test  tube. 
Then  saturate  5  cc.  of  water  with  ferrous  sulfate.  Thoroughly 
cool  the  solution  and  add  to  it  a  drop  or  two  of  sodium  nitrate 
solution.  Carefully  pour  the  solution  into  the  tube  of  sulfuric 
acid,  so  that  the  two  fluids  do  not  mix.  A  purple  color,  which 
afterwards  turns  brown,  is  produced  at  the  junction  of  the  two 
liquids.  Bromides  and  iodides  interfere  with  this  test  and  must 
be  removed  before  a  nitrate  can  be  detected.  This  is  effected  by 
removing  them  with  silver  acetate  or  sulfate.  Then  precipitate 
the  silver  ion  from  the  solution  by  sodium  chloride. 

d.  The  test  for  a  nitrate  is  also  disturbed  by  the  presence  of  a 
nitrite.  One  method  for  destroying  a  nitrite  is  the  following :  The 
nitrite  solution  is  made  neutral  and  is  then  heated  with  a  solu¬ 
tion  of  ammonium  sulfate  (or  chloride)  until  a  part  of  the  solution 
no  longer  gives  a  test  for  the  nitrite  ion  when  tested  by  Exp.  27,  b. 
Then  apply  test  of  Exp.  48,  c,  to  the  rest  of  the  solution. 

e.  Place  a  solution  (free  from  ammonia)  of  a  nitrate  in  a  test 
tube  containing  a  piece  of  aluminium  wire  and  NaOII.  Introduce 
a  plug  of  cotton  into  the  tube  about  an  inch  from  the  mouth. 
Cover  the  tube  with  a  watch  glass  on  the  underside  of  which 
is  adhering  a  moist  piece  of  red  litmus  paper.  Warm  the  solu¬ 
tion  and  allow  it  to  stand  for  half  an  hour.  Examine  the  litmus 
paper  and  explain. 

Perchlorate  ion,  C104~ 

Experiment  49.  a.  Perchloric  acid  in  dilute  solutions  is  stable 
and  is  not  easily  reduced.  Its  water  solution  gives  an  acid  reaction 
to  litmus  but  does  not  bleach  it.  All  ordinary  perchlorates  are 
soluble  in  water ;  potassium  perchlorate  is  only  sparingly  soluble. 

b.  Pass  S02  into  an  acidulated  solution  of  a  perchlorate.  Is 
the  perchlorate  reduced  ?  Chlorates  or  hypochlorites  are  reduced 
by  sulfurous  acid  and  may  be  removed  as  silver  chloride. 

c.  Boil  a  solution  containing  CIO-,  C103-,  and  C104-  with 
concentrated  hydrochloric  acid.  Add  a  slight  excess  of  silver 
nitrate  to  the  solution.  Filter  and  evaporate  the  filtrate  to  dry¬ 
ness.  Fuse  the  residue  with  sodium  carbonate.  Take  up  the 
fused  mass  in  water  and  test  the  solution  for  a  chloride  with 
silver  nitrate.  Explain. 
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THE  SYSTEMATIC  ANALYSIS  OF  AN  UNKNOWN 
Preliminary  Examination 

Experiment  50.  Detection  of  organic  matter.  When  an  analysis 
is  to  be  made  by  the  wet  method,  it  is  usually  not  worth  while  to 
make  an  extensive  preliminary  examination  of  a  given  unknown  ; 
but  since  many  organic  substances  interfere  during  the  course 
of  the  analysis,  they  should  be  removed.  Thus,  hydroxy  acids, 
such  as  tartaric  and  citric,  as  well  as  the  sugars,  prevent  the  pre¬ 
cipitation  of  certain  metals  as  hydroxides.  Gelatin,  albumin,  and 
the  like  cause  complications  both  in  the  precipitation  of  the  metal 
ions  of  Groups  I  and  II  and  in  the  detection  of  the  metal  ions 
of  Groups  III  and  IV.  Oxalic  acid  especially  interferes  with 
the  identification  of  the  ions  of  the  latter  groups. 

Heat  gently  about  0.1  g.  of  the  finely  powdered  material 
(unless  it  is  a  metal  or  an  alloy)  in  a  matrass.  Note  any  change. 
Then  heat  it  strongly  and  observe  whether  any  gas  is  evolved 
or  any  deposit  is  formed  in  the  upper  part  of  the  matrass,  and 
whether  the  solid  becomes  tarry  or  black. 

Experiment  51.  Flame  reactions.  Moisten  a  little  of  the 
powdered  unknown  with  hydrochloric  acid  and  determine  its 
flame  reaction. 

TABLE  I 


Coloration 

Indication 

Red  (crimson) 

Brick-red  (reddish  yellow) 

Yellow  (intense,  persistent) 

Green 

Bine-green  (intense) 

Pale  blue 

Violet  or  blue- violet 

Strontium  (Li) 

Calcium 

Sodium 

Barium  (Mn,  H3B03) 

Copper 

Lead,  arsenic,  antimony 
Potassium 
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Experiment  52.  Metaphosphate  and  borax  bead  reactions. 

The  following  table  gives  the  behavior  of  certain  components 
when  heated  with  borax  and  with  microcosmic  salt,  NaNH4HP04, 
in  both  oxidizing  and  reducing  flames  : 


TABLE  II 


Component 

Borax  Bead 

Metaphosphate  Bead 

Reducing 

Flame 

Oxidizing  Flame 

Reducing 

Flame 

Oxidizing  Flame 

Silicic  acid 

_ 

- - 

- 3 

Si02  skeleton 

Copper 

Red 

Blue 

Red 

Blue 

Iron 

Green 

Yellow  to  red 

Yellow 

Yellow  to  red 

Nickel 

Gray 

Reddish  brown 

Yellow 

Reddish  brown 

Chromium 

Green 

Green 

— 

Green 

Cobalt 

Blue 

Blue 

Blue 

Blue 

Manganese 

— 

— 

— 

Violet 

PROCEDURE  VI 

Removal  of  Organic  Substances 

If  organic  matter  is  present  (Exp.  50),  treat  1-4  g.  (depend¬ 
ing  upon  the  amount  of  organic  matter)  of  the  powdered 
unknown  in  a  casserole  with  5  cc.  of  concentrated  sulfuric  acid 
and  gently  heat  the  mixture  until  it  is  thoroughly  charred.  Add 
slowly  concentrated  nitric  acid,  in  small  portions,  to  the  cooled 
substances  until  the  reaction  moderates.  Warm  the  mixture  for 
several  minutes  and  gradually  raise  the  temperature  until  the 
sulfuric  acid  begins  to  vaporize.  Again  cool  the  casserole,  add 
more  concentrated  nitric  acid,  and  heat  until  dense  fumes  of  sul¬ 
furic  acid  are  evolved.  The  acids  should  be  well  stirred  during 
the  digestion.  If  the  resulting  liquid  is  not  clear,  small  portions 
of  nitric  acid  should  be  added,  at  intervals,  until  the  sulfuric  acid 
does  not  blacken  after  it  is  boiled  to  expel  nitric  acid.  Finally, 
evaporate  the  acid,  H2S04,  to  1-2  cc.,  cool  it,  and  cautiously  add 
to  it  20  cc.  of  water.  If  there  is  no  residue,  treat  the  solution 
by  Proc.  V,  1.  If  there  is  a  residue,  it  may  consist  of  the  sul¬ 
fates  of  barium,  strontium,  lead,  chromium,  calcium,  and  bismuth ; 
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of  antimonic  oxide  and  stannic  acid ;  of  nndecomposed  silicates ; 
and  of  silica.  The  amount  of  calcium,  bismuth,  and  tin  remain¬ 
ing  in  the  residue  would  depend  upon  the  quantity  of  these 
substances  present  in  the  original  unknown,  since  their  sulfates 
are  more  or  less  soluble  in  dilute  sulfuric  acid.  In  case  there  is 
not  a  complete  solution,  separate  the  solid  material  by  filtration 
and  treat  it  by  Proc.  VII,  7.  The  filtrate  is  examined  according 
to  Proc.  V,  1. 

For  other  methods  of  destroying  organic  matter  consult 
Fresenius. 

PROCEDURE  VII 

To  Prepare  the  Solution 

1.  Up  to  this  point  analyses  have  been  made  of  prepared 
solutions.1  Attention  is  now  directed  to  methods  for  bringing 
substances  into  solution.  Water  should  be  used  as  a  solvent, 
provided  1  g.  of  the  finely  powdered  material  will  dissolve  in 
from  25  to  100  cc.  of  it ;  otherwise  water  alone  should  not  be 
used,  since  quantities  of  solution  larger  than  100  cc.  are  not 
easily  handled.  It  is  often  advisable,  when  special  information 
is  desired  concerning  the  combination  of  the  ions  in  the  original 
unknown,  to  extract  the  water-soluble  portion  of  the  mixture 
with  water,  and  then  dissolve  the  residue  in  acid  or  bring  it 
into  solution  by  other  means,  and  to  analyze  the  two  solutions 
separately.  Usually  such  information  is  not  desired,  and  in  most 
cases  time  and  energy  are  saved  by  making  one  solution  of  the 
unknown  and' running  a  complete  analysis  of  it. 

Either  hydrochloric  or  nitric  acid  is  used  to  effect  a  solution 
of  a  nonmetallic  solid.  The  acid  to  be  employed  depends  upon 
the  nature  of  the  substance.  This  being  the  case,  the  choice  of 
the  solvent  is  made  according  to  the  behavior  of  the  unknown  in 
question.  It  is  important  to  know  that  nitric  acid  is  unsatisfac¬ 
tory  inasmuch  as  it  fails  to  dissolve  certain  substances,  particu¬ 
larly  antimonic  oxide,  metastannic  acid,  and  manganese  dioxide, 
which  are  soluble  in  hydrochloric  acid.  Also,  the  state  of  oxi¬ 
dation  of  many  substances  is  changed  by  nitric  acid.  Thus,  the 

1  Or  of  solids  which  are  easily  soluble. 
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acid  oxidizes  arsenous,  antimonous,  ferrous,  and  stannous  com¬ 
pounds  to  a  higher  condition  of  oxidation.  On  the  other  hand, 
hydrochloric  acid  does  not  dissolve  certain  sulfides  which  dis¬ 
solve  in  nitric  acid  owing  to  its  oxidizing  property.  Moreover, 
hydrochloric  acid  has  the  further  disadvantage  of  precipitating 
the  chlorides  of  the  silver  group,  so  that  it  is  impossible  to 
tell  whether  a  complete  solution  of  other  components  has  been 
accomplished.  It  is  recommended  that  hydrochloric  acid  be  used 
as  the  solvent  for  a  nonmetallic  substance,  provided  it  dissolves 
in  the  acid.  Nitric  acid  is  used  to  bring  an  alloy  into  solution 
(see  Proc.  VII,  9). 

2.  Solubilities  of  important  compounds.  The  following  com¬ 
pounds  are  freely  soluble  in  water:  ordinary  salts  of  alkaline 
metals,  ammonium  salts  included ;  chlorates,  perchlorates,  nitrates 
and  nitrites,  except  a  few  basic  nitrates ;  bromides,  chlorides, 
iodides,  and  thiocyanates,  except  those  of  silver,  mercurous  mer¬ 
cury,  cuprous  copper,  and  lead ;  sulfates  of  all  elements  except 
barium,  strontium,  calcium,  and  lead  (silver  and  mercury  sul¬ 
fates  are  sparingly  soluble).  The  following  compounds  are 
almost  insoluble  in  water  but  dissolve  readily  in  dilute  hydro¬ 
chloric  or  nitric  acid :  basic  salts  of  antimony,  bismuth,  mercury, 
and  tin ;  hydroxides  and  oxides  (alkaline  hydroxide,  soluble ; 
Ca(OH)2,  Sr(OH)2,  and  Ba(OH)2,  somewhat  soluble ;  native  or 
calcined  oxides  of  tin  (Sn02),  iron,  aluminium,  and  chromium, 
insoluble  in  acids) ;  arsenates,  arsenites,  borates,  carbonates,  and 
phosphates  of  elements,  except  the  alkalies.  The  peroxides  are 
slowly  soluble  in  hydrochloric  acid. 

The  following  compounds  are  almost  insoluble  in  acids : 
chlorides  of  silver,  mercurous  mercury,  and  lead,  and  their  corre¬ 
sponding  bromides,  cyanides,  thiocyanates,  and  iodides,  and  also 
mercuric  iodide ;  silicates,  the  oxide  of  silicon,  stannic  tin,  alu¬ 
minium,  chromium  (Cr203),  and  also  ferrous  chromite,  chromium 
chloride,  and  sulfate  (each  of  the  last  two  salts  has  an  insoluble 
modification) ;  sulfates  of  barium,  strontium,  calcium,  and  lead 
(CaS04,  sparingly  soluble) ;  carbon,  sulfur,  certain  carbides, 
alloys  such  as  ferrosilicon  and  ferrochrome,  and  several  ferro- 
cyanides  and  ferricyanides. 
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3.  Preparation  of  the  solution  of  nonmetallic  material  for  the 
identification  of  cations.  Weigh  out  1  g.  of  the  thoroughly  pow¬ 
dered  unknown  and  transfer  it  to  a  casserole.  Treat  it  with 
from  20  to  50  cc.  of  water  and  heat  the  mixture  to  boiling. 
If  the  material  dissolves,  treat  the  solution  by  Proc.  V,  1.  If 
it  does  not  dissolve,  test  the  liquid  with  litmus  paper  and  then 
add  to  it  from  5  to  10  cc.  of  hydrochloric  acid,  a  little  at 
a  time.  If  any  gases  are  evolved,  note  their  odor.  Heat  the 
acid  to  boiling,  and  if  the  unknown  has  dissolved  completely, 
test  its  solution  according  to  Proc.  IV,  1.  If  this  treatment 
fails  to  produce  a  complete  solution,  try  to  dissolve  another 
gram  portion  of  the  substance  in  concentrated  hydrochloric 
acid.  If  a  complete  solution  results,  treat  it  by  Proc.  IV,  1; 
otherwise  discontinue  the  use  of  hydrochloric  acid  and  follow 
Proc.  VII,  4. 

4.  Place  1  g.  of  the  material  in  a  casserole  and  treat  it  with 
20  cc.  of  water  and  5  cc.  of  nitric  acid  (if  the  water  extract, 
Proc.  VII,  3,  was  neutral  or  acid;  if  basic,  the  water  solution 
is  neutralized  with  HNOg),  and  heat  the  mixture  to  boiling. 
If  the  substance  is  dissolved  completely,  treat  the  solution  by 
Proc.  V,  1.  If  there  is  a  residue,  do  not  separate  it,  but  treat 
the  entire  mixture  by  Proc.  VII,  5. 

5.  To  the  acidic  solution  containing  the  insoluble  residue 
(Proc.  VII,  4)  add  5  cc.  of  concentrated  nitric  acid,  evaporate 
the  acid,  and  dry  the  residue  for  thirty  minutes  at  120°.  Powder 
the  thoroughly  dried  residue  and  treat  it  with  5  cc.  of  concen¬ 
trated  nitric  acid.  Carefully  warm  the  dish  until  the  acid  just 
begins  to  evaporate.  Dilute  the  acid  with  20  cc.  of  water.  If 
some  undissolved  material  still  remains,  separate  it  by  filtration 
and  treat  it  according  to  Proc.  VII,  6.  Test  the  filtrate  by 
Proc.  V,  1.  In  case  all  the  substance  dissolves,  the  solution 
is  analyzed  by  Proc.  V,  1. 

6.  Digest  the  residue  from  Proc.  VII,  5,  with  5  cc.  of  con¬ 
centrated  hydrochloric  acid.  If  any  action  is  noted,  continue 
to  heat,  and  add  more  acid  if  it  is  required.  Should  the  sub¬ 
stance  not  be  dissolved  by  this  treatment,  add  nitric  acid,  in 
small  portions,  to  the  hydrochloric  acid  as  long  as  any  solvent 
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action  is  noted.  Evaporate  the  solution  just  to  dryness.  Extract 
the  residue  with  20  cc.  of  water  containing  10  cc.  of  dilute 
hydrochloric  acid.  If  any  solid  material  remains  undissolved, 
separate  it  by  filtration,  wash  it  with  boiling  water,  and  treat 
it  by  Proc.  VII,  7.  The  filtrate  is  combined  with  that  of 
Proc.  VII,  5,  after  the  silver  group,  if  present,  has  been  sepa¬ 
rated  from  the  latter. 

7.  Mix  any  insoluble  residue  (Proc.  VII,  6)  with  from  four  to 
five  times  its  weight  of  a  mixture  of  sodium  and  potassium 
carbonates.  Place  the  mixture  in  a  platinum  or  nickel  crucible. 
Pleat  the  crucible  gently  as  long  as  any  water  is  given  off,  and 
then  strongly  ignite  the  mixture  with  an  intensely  hot  flame 
from  five  to  twenty  minutes  or  until  the  fused  mass  becomes 
homogeneous.  When  certain  substances  are  present  (for  ex¬ 
ample,  ferrous  chromite)  which  must  be  oxidized,  solid  potassium 
chlorate  or  nitrate  is  added  to  the  fused  mixture.  This  treat¬ 
ment  is  indicated  when  particles  remain  unfused  after  continued 
ignition.  (The  native  or  calcined  oxides  of  aluminium,  chro¬ 
mium,  and  iron  are  rendered  soluble  by  fusing  them  with 
potassium  acid  sulfate,  with  KN03,  or  with  KC103.)  Place  the 
hot  crucible  in  cold  water  to  loosen  the  fused  mass.  Remove  the 
fusion  and  triturate  it  in  a  mortar.  Treat  the  fused  material 
with  hot  water  and  stir  the  mixture  vigorously  for  three 
minutes.  Filter  and  acidify  the  filtrate  with  nitric  acid.  Warm 
the  residue  with  nitric  acid  until  no  further  effervescence  is 
noted.  Filter  the  solution  from  any  solid  matter.  Add  1  cc. 
of  the  solution  to  an  equal  amount  of  the  acidulated  water- 
soluble  extract.  If  no  precipitate  results,  the  two  filtrates  are 
combined  and  treated  with  hydrochloric  acid  to  precipitate  the 
silver  group.  Test  the  precipitate  by  Proc.  V.  Evaporate  the 
filtrate  to  dryness,  and  heat  the  residue  to  from  100°  to  110°. 
Add  1  cc.  of  concentrated  hydrochloric  acid  and  again  heat  the 
substance  to  110°.  This  procedure  is  necessary  to  render  silicic 
acid  insoluble.  Why  ?  Take  up  the  soluble  portion  in  5  cc.  of 
hydrochloric  acid  and  20  cc.  of  water,  and  filter.  Combine  the 
filtrate  with  that  of  Proc.  VII,  5,  and  analyze  as  directed  in 
that  paragraph.  In  case  a  precipitate  forms  on  mixing  the  two 
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solutions  obtained  from  the  fusion,  test  the  water-soluble 
extract  (after  removing  any  silicic  acid),  together  with  that 
of  Proc.  VII,  5,  by  Proc.  V,  1,  and  the  acid  solution,  freed 
from  HoSi0g,  by  Proc.  V,  1. 

8.  Test  for  silicates  or  silicon  dioxide.  The  insoluble  residue 
left  after  evaporating  the  nitric  acid  solution  of  the  carbonate 
fusion,  or  a  portion  of  the  acid-insoluble  substance,  is  bested 
as  follows:  Place  the  substance  in  a  lead  dish  and  add  to  it 
a  few  drops  of  hydrofluoric  acid.  Warm  the  mixture  and  note 
whether  any  gas  escapes.  Moisten  the  end  of  a  glass  rod 
and  hold  it  in  the  fumes  from  the  dish.  A  white  deposit  of 
silicic  acid  which  forms  on  the  rod,  as  well  as  the  evolution 
of  gas,  shows  the  presence  of  silica  or  a  silicate.  Also,  test 
the  insoluble  residue  for  Si02  with  the  metaphosphate  bead 
(Table  II).1 

9.  Preparation  of  the  solution  of  a  metal  or  alloy.  Treat  1  g. 
of  the  finely  divided  alloy  or  metal  with  10  cc.  of  nitric  acid 
and  warm  the  mixture  as  long  as  any  action  is  noted.  Add 
more  acid  if  necessary.  If,  on  cooling,  a  precipitate  forms,  dilute 
the  solution  with  water.  If  a  complete  solution  of  the  substance 
results,  antimony  and  tin  are  absent,  or  present  in  minute 
quantities.  The  solution  is  diluted  to  50  cc.  and  treated  by 
Proc.  V. 

If  the  alloy  or  metal  is  not  completely  soluble  in  nitric  acid, 
it  may  be  treated  by  Proc.  VII,  4,  5,  6,  7,  or  as  follows :  The 
residue  may  consist  of  carbon,  silica,  antimonic  oxide,  and 
stannic  acid,  particularly  the  last  two.  Without  removing 
any  insoluble  material,  evaporate  the  nitric  acid  solution  and 
dry  the  residue  at  110°  for  twenty  minutes.  Treat  the  residue 
with  from  20  to  30  cc.  of  water  containing  from  4  to 
5  cc.  of  nitric  acid.  Collect  the  undissolved  material  on  a 
filter,  wash  it  with  normal  nitric  acid,  and  allow  the  acid  to 
run  into  the  filtrate.  Test  the  filtrate  according  to  Proc.  V,  1. 
Wash  the  residue  with  water,  and  then  digest  it  with  the 
sodium  hydrogen  sulfide  reagent.  Add  the  solution  to  the 
filtrate  obtained  from  the  separation  of  the  divisions  of  Group  II. 

1  For  complete  analysis  of  silicates,  Fresenius  should  be  consulted. 
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In  case  a  residue  remains  after  the  treatment  with  the  reagent, 
treat  it  with  nitric  acid.  Add  the  solution  to  the  first  nitric 
acid  solution  and  test  any  residue  for  silica  by  Proc.  VII,  8. 
If  the  residue  is  dark,  carbon  is  indicated.  How  may  its 
presence  be  shown  ? 

Or,  if  the  alloy  or  metal  is  insoluble  in  nitric  acid,  treat  1  g. 
of  it 1  with  60  cc.  of  concentrated  hydrochloric  acid  and  2  cc. 
of  concentrated  nitric  acid.  Conduct  the  work  under  a  hood , 
and  be  careful  not  to  breathe  the  evolved  vapors.  Heat  the  liquid 
until  it  boils  vigorously.  Lower  the  flame  and  add  solid  sodium 
chlorate  or  potassium  chlorate  to  the  mixture.  Enough  of  the 
chlorate  must  be  added  to  cause  the  formation  of  a  more  or 
less  permanent  yellowish  foam.2  If  all  the  alloy  does  not  dis¬ 
solve  by  this  treatment,  add  a  little  more  nitric  acid.  Evaporate 
the  solution  almost  to  dryness.  Take  up  the  residue  in  50  cc. 
of  boiling  water  and  from  2  to  4  cc.  of  hydrochloric  acid. 
Filter  and  test  the  residue  according  to  Proc.  V,  8.  Treat  the 
solution  with  hydrogen  sulfide  as  directed  in  Proc.  IV,  1.  Analyze 
the  precipitate  for  Group  II ;  the  filtrate  for  Group  III. 

PROCEDURE  VIII 

Analysis  of  the  Basic  Components 

1.  General.  Considerable  information  as  to  the  composition 
of  a  given  unknown  should  be  gained  by  the  preliminary  exami¬ 
nation  and  during  the  preparation  of  the  solution.  A  rather 
detailed  discussion  of  this  information  and  of  that  which  is 
acquired  during  the  analysis  of  the  basic  components  is  given 
under  acidic  components. 

A  detailed  scheme  of  analysis  of  the  metal  ions  has  been  given 
in  Chapters  II-VI.  At  this  point,  therefore,  it  is  only  necessary 
to  give  the  scheme  in  a  compact,  tabular  form.  The  systematic 
scheme  of  analysis  consists  in  separating  the  basic  components 
into  groups  by  adding  to  their  acid  solution,  successively,  hydro¬ 
chloric  acid  (Proc.  V),  hydrogen  sulfide  (Proc.  IV),  ammonium 

1  Finely  divided.  2  e.  E.  Eckelmann,  Chemical  Analyst,  25  (1918),  22. 
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hydroxide  and  hydrogen  sulfide  (Proc.  Ill),  and  ammonium 
carbonate  (Proc.  II).  Each  of  these  reagents  precipitates  from 
solution  a  group  of  cations.  Group  II  is  separated  into  two 
divisions  by  the  sodium  hydrogen  sulfide  reagent.  The  steps 
by  which  the  cations  are  separated  into  groups  are  indicated 
in  Table  III,  and  methods  of  identifying  the  components  of 
the  groups  are  given  in  Tables  IV,  V,  VI,  VII,  VIII,  and 
IX,  respectively.  References  to  more  detailed  directions  are 
given  in  the  tables. 


TABLE  III.  GROUP  SEPARATIONS 


Add  IIC1  until  precipitation  is  complete.  Filter  and  wash  the  precipi¬ 
tate  on  the  filter  with  cold  water.  (Proc.  V.) 

Precipitate 

PbCl2 

AgCl 

HgCl 

Filtrate  :  Groups  II,  III,  IV,  and  V.  Saturate  with  H2S. 
Add  an  equal  volume  of  water ;  again  saturate  with 
II2S.  Filter ;  wash  precipitate  with  water  containing 
H2S  and  NII4N03.  (Proc.  IV.) 

Precipitate 

PbS,  Bi2S3 
CuS,  CdS 
HgS,  As2S3 
ISnSc.  Sb„So 
Sb2S5,  SnS2 
SnS  (rarely) 

Filtrate:  Groups  III,  IV,  and  V.  Add  NH4OII 
until  alkaline,  then  saturate  solution  with 
II2S.  Filter;  wash  precipitate  with  water 
containing  H2S,  then  with  pure  water. 
(Proc.  III.) 

Precipitate 

FeS,  Fe2S3 
Al(OH)s 
Cr(OII)3 
CoS,  NiS 
ZnS,  MnS 

Filtrate  :  Groups  IV  and  V.  Con¬ 
centrate  solution  to  10  cc.,  add 
(NI14)2C03,  warm  until  pre¬ 
cipitate  becomes  crystalline. 
Filter ;  wash  precipitate  with 
a  dilute  solution  of  ammo¬ 
nium  carbonate.  (Proc.  II.) 

Precipitate 

BaC03 

SrC03 

CaC03 

Filtrate  :  Mg+  +  and 
Group  V.  Add 
(NH4)2HP04  so¬ 
lution.  Filter  and 
wash  precipitate. 

Precipitate 

MgNH4P04 

Filtrate 

Group  V 
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TABLE  IV.  ANALYSIS  OE  GROUP  I.  PROCEDURE  Y 


Precipitate:  PbCl2,  AgCl,  HgCl.  Remove  precipitate  to  a  beaker  and 
extract  it  with  boiling  water ;  filter ;  wash  residue  with  boiling  water 
until  II2S04  shows  that  precipitate  is  free  from  the  lead  chloride. 


Residue :  AgCl,  HgCl.  Treat  it  with  a  few 
cubic  centimeters  of  NH4OH. 


Filtrate:  PbCl2.  To 
one  portion  add 
H2S04.  White  pre¬ 
cipitate  indicates 
Pb.  Confirm  pres¬ 
ence  of  Pb  by  Proc. 
IV,  3.  Test  another 
portion  with  KI  ac- 
cordingto  Proc.  V,  2. 
Or  to  this  portion 
of  the  filtrate  add 
K2Cr04.  A  yellow 
precipitate  soluble 
in  NaOH  and  re¬ 
precipitated  by  an 
excess  of  acetic  acid 
confirms  the  pres¬ 
ence  of  lead. 


Filtrate :  Ag(N  H3)2C1. 
Add  HN03  until 
just  acid  (test).  A 
precipitate  shows 
the  presence  of  Ag. 
If  the  precipitate  in 
the  above  test  is 
very  faint,  divide  so¬ 
lution  into  two  parts. 
To  one  part  add  a 
drop  or  two  of  a  so¬ 
lution  of  potassium 
iodide.  A  yellowish 
precipitate  shows 
the  presence  of  sil¬ 
ver.  The  two  parts 
are  for  com|^arison. 


Residue:  HgNH2Cl+ 
Hg.  This  precipi¬ 
tate  is  black  and 
indicates  the  pres¬ 
ence  of  Hg.  To 
confirm,  dissolve 
residue  in  HC1  and 
KC103,  boil,  cool, 
and  add  a  drop  or 
so  to  a  solution  of 
stannous  chloride. 
A  white-gray  to 
grayish-black  pre¬ 
cipitate  shows  the 
presence  of  Hg.  See 
Proc.  V  for  more 
complete  directions. 
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TABLE  Y.  ANALYSIS  OF  GROUP  II.  PROCEDURE  IV 


Precipitate :  PbS,  Bi2S3,  CuS,  CdS,  HgS,  As2S3,  As2S5,  Sb2S3,  Sb2S5, 
SnS2,  SnS  (rarely).  Treat  precipitate  with  the  sodium  hydrogen  sul¬ 
fide  reagent.  Filter  and  wash  precipitate  thoroughly  with  water  con¬ 
taining  H2S  and  NH4N03.  For  treatment  of  filtrate  see  Table  VI. 

Residue :  PbS,  Bi2S3, 

CuS,  CdS.  Dissolve  residue  in  dilute  HN03. 

Nitric  acid  solution  :  Pb(N03)2,  Bi(N03)3,  Cu(N03)2,  Cd(N03)2.  Add 

5  cc.  of  H2S04.  Evaporate  to  dryness  and  heat  gently  until  fumes 
of  S03  are  given  off.  Cool,  dilute  with  25  cc.  of  water,  and  filter. 

Precipitate :  PbS04. 

Dissolve  the  pre¬ 
cipitate  in  concen¬ 
trated  ammonium 
acetate  and  a  little 
acetic  acid.  Treat 
the  solution  with 
potassium  dichro¬ 
mate.  A  yellow 
precipitate  is  lead 
chromate  (see 

Proc.  IV,  3). 

Filtrate:  Bi2(S04)3,  CuS04,  CdS04.  Add  an 
excess  of  NII4OH  and  filter. 

Precipitate:  Bi(OH)3. 
Treat  Bi(OH)3  on 
the  filter  with 

Na2Sn02.  Black 

coloration  confirms 
Bi.  Or  dissolve 

precipitate  in  IIC1. 
Add  a  drop  or  two 
of  solution  to  a 
test  tube  filled  with 
water.  A  white 
precipitate  confirms 
the  presence  of  Bi. 

Filtrate:  Cu(NH3)4++, 
Cd(NII3)4++.  If  this 
solution  is  blue,  Cu  is 
present.  To  test  for 
traces  of  Cu,  acidify 
a  small  part  of  the 
solution  with  acetic 
acid  and  add  two 
drops  of  K4Fe(CN)6. 

A  faint  pink  tint  in¬ 
dicates  Cu.  If  Cu  is 
present,  add  .  a  slight 
excess  of  KCN  to  the 
other  part  of  the 
solution  and  then 
H2S.  A  yellow  pre¬ 
cipitate  shows  the 
presence  of  cadmium. 
When  Cu  is  absent, 
do  not  use  KCN,  but 
test  for  Cd  directly 
with  H2S. 

THE  SYSTEMATIC  ANALYSIS  OF  AN  UNKNOWN  173 


TABLE  VI.  ANALYSIS  OF  GROUP  II.  PROCEDURE  IV  (Continued) 


Filtrate:  Na2HgS2  or  Na8HgS5,  Na3AsS4,  Na3SbS4,  Na2SnS3.  Add 
HC1  until  solution  is  slightly  acid.  Filter.  Discard  filtrate. 

Precipitate:  HgS,  As2S3,  As2S5,  Sb2S5,  SnS2.  Remove  precipitate  to 
beaker  and  warm  it  with  10  cc.  of  concentrated  HC1  as  long  as  H2S 
is  evolved.  Dilute  with  10  cc.  of  water.  Filter. 

Residue:  HgS, As2S3,  As2S5.  Treat 
residue  with  5  cc.  of  concen¬ 
trated  NH4OIi.  Filter. 

Filtrate  :  SbCl5,  SnCl4.  Boil  solu¬ 
tion  until  every  trace  of  II2S  is 
removed.  Add  iron  nails.  Boil 
solution.  Filter. 

Residue :  FIgS. 
Dissolve  in 
HC1  contain¬ 
ing  a  crystal 
of  KC103.  Boil 
solution  to  ex¬ 
pel  Cl2.  Treat 
solution  with 
SnCl2.  White 
or  gray  pre¬ 
cipitate  shows 
the  presence 
of  Hg. 

Solution:  To  the 

solution  add 
HN03  in  ex¬ 
cess;  boil  mix¬ 
ture  until  so¬ 
lution  is  clear. 
Add  to  the 
hot  solution 
an  excess  of 
(NH4)2Mo04. 
Keep  at  90° 
for  a  few  min¬ 
utes.  Yellow 
precipitate  in¬ 
dicates  As. 

Precipitate :  Sb. 

Dissolve  pre¬ 
cipitate  in  tar¬ 
taric  acid  and 
a  few  drops  of 
nitric  acid.  Di¬ 
lute  the  solu¬ 
tion  and  treat 
it  with  hydro¬ 
gen  sulfide.  An 
orange  precipi¬ 
tate  shows  the 
presence  of  Sb. 

Filtrate:  Treat 
the  filtrate 
with  a  solu¬ 
tion  of  mer¬ 
curic  chlo¬ 
ride.  A  white 
precipitate  or 
a  white  pre¬ 
cipitate  which 
turns  gray 
shows  the 

presence  of 
tin.  See  Proc. 
IV,10andll, 
for  the  iden¬ 
tification  of 
Sb  and  Sn. 

TABLE  VII.  ANALYSIS  OE  GROUP  III.  PROCEDURE  III 
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TABLE  VIII.  ANALYSIS  OF  GROUP  IV.  PROCEDURE  II 


Precipitate  :  BaC03,  SrC03,  CaC03.  Add  from  5  to  15  cc.  of  CH3COOH 
to  precipitate  on  filter.  Follow  Proc.  II,  3.  Evaporate  to  dryness. 
Dissolve  residue  in  a  mixture  of  3  cc.  of  CH3COOH  and  35  cc.  of 
CH3COONH4.  Heat  solution  to  boiling  and  add  K2Cr04  until  pre¬ 
cipitation  is  complete.  Filter  and  wash. 

Precipitate:  BaCr04. 
Dissolve  precipitate 
in  dilute  HC1.  Test 
with  flame.  Add 
H2S04  to  solution. 
A  white  precipitate 
shows  the  presence 
of  Ba. 

Filtrate:  Ca(CH3C02)2,  Sr(CH3C02)2.  Add 
to  filtrate  10  cc.  more  than  enough  NH4OH 
to  change  orange  color  of  dichromate  to  yel¬ 
low  of  the  chromate.  Make  volume  to  70  cc. 
Heat  to  75°;  add  60  cc.  of  95  per  cent  al¬ 
cohol.  Cool  the  mixture ;  add  2  or  3  cc.  of 
K2Cr04  solution  and  from  6  to  10  cc.  of  95 
per  cent  alcohol.  A  yellow  precipitate  indi¬ 
cates  Sr.  Filter.  (See  also  Method  A.) 

Precipitate :  Digest  for 
about  five  minutes  with 
a  mixture  of  10  cc.  of 
(NH4)2C204,  10  cc.  of 
(NH4)2C03,  and  5  cc.  of 
K2Cr04.  Filter.  Wash. 
Treat  precipitate  with 
CH3COOH.  Filter. 

Neutralize  the  solution 
with  NH4OH  and  add 
to  it  (NH4)2C03.  A 
white  precipitate  shows 
the  presence  of  Sr.  Con¬ 
firm  by  flame  test. 

Filtrate:  Ca++. 
Heat  to  boiling; 
add  (NH4)2- 

C204.  A  white 
precipitate  indi¬ 
cates  Ca.  Dis¬ 
solve  precipitate 
.  in  cold  H2S04 
and  add  to  the 
solution  3  times 
its  volume  of  95 
per  cent  alcohol. 

A  white  precipi¬ 
tate  is  CaS04. 

176 


QUALITATIVE  CHEMICAL  ANALYSIS 


TABLE  IX.  ANALYSIS  OF  GROUP  Y.  PROCEDURE  I 


Filtrate  from  separation  of  carbonates  of  Group  IV :  Mg++,  K+,  Na+, 
NH4+.  Add  ammonium  phosphate.  Shake  vigorously  and  then 
scratch  side  of  tube  with  glass  rod. 


Filtrate:  K+,  Na+,  NH4+.  Evaporate  to  dry¬ 
ness  in  a  porcelain  dish,  then  cautiously 
heat  until  all  the  fumes  of  the  ammonium 
salts  are  expelled.  Cool ;  add  just  enough 
water  to  dissolve  residue.  Test  with  flame. 
Divide  solution  into  two  parts. 


Precipitate :  MgNH4- 
P04.  Add  to  pre¬ 
cipitate  CH3COOH. 
Filter.  Make  fil¬ 
trate  alkaline  with 
NH4OH.  A  white 
crystalline  precip¬ 
itate  confirms  the 
presence  of  Mg. 


First :  Add  H2PtCl6. 

A  yellow  crystal¬ 
line  precipitate  in¬ 
dicates  K. 


Second :  Add  K2H2- 
Sb207.  A  white 
crystalline  precipi¬ 
tate  indicates  Na. 


PROCEDURE  IX 

Addenda 

1.  General.  In  these  addenda  directions  are  given  for  the 
detection  of  ammonium,  arsenite,  arsenate,  antimonite,  anti- 
monate,  permanganate,  stannite,  and  stannate  ions.  With  the 
exception  of  ammonium,  tests  are  made  for  these  ions  only 
when  the  basic  analysis  shows  the  possibility  of  their  presence. 
Only  the  state  of  oxidation  of  As,  Sb,  and  Sn  is  determined. 
A  procedure  is  given  for  the  detection  of  the  alkali  metals  in 
silicates  which  are  not  decomposed  by  acids. 

2.  Identification  of  ammonium  ion.  Use  some  of  the  original 
substance  and  test  it  for  NH4+  as  directed  in  Exp.  3,  d. 

3.  Identification  of  arsenite  ion  and  arsenate  ion.  To  a  given 
unknown  add  hydrochloric  acid  and  potassium  iodide  solution. 
The  liberation  of  free  iodine  indicates  an  arsenate.  If  another 
agent  which  oxides  HI  is  present,  this  evidence  is  not  conclusive. 
In  this  case  add  barium  chloride  to  a  fresh  portion  of  the 
neutral  solution.  Filter  and  treat  the  washed  precipitate  with 
acetic  acid.  Add  hydrochloric  acid  and  potassium  iodide  to  the 
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acetic  acid  solution.  Shake  out  the  solution  with  chloroform  to 
determine  the  presence  of  molecular  iodine.  A  potassium  iodide 
solution  of  iodine  is  decolorized  by  a  neutral  solution  of  an 
arsenite  containing  sodium  bicarbonate. 

Or  place  0.5  g.  of  the  powdered  unknown  and  15  cc.  of 
concentrated  HC1  in  a  100-cc.  flask  provided  with  a  delivery 
tube  which  leads  into  a  conical  flask  containing  from  50  to 
60  cc.  of  cold  water.  Boil  the  mixture  until  one  half  of  the 
hydrochloric  acid  has  distilled  over.  Pass  H2S  into  the  distil¬ 
late.  A  yellow  precipitate  shows  the  presence  of  an  arsenite  or 
As+  +  +.  If  no  precipitate  is  produced,  an  arsenate  is  present, 
provided  arsenic  was  found  during  the  analysis  of  the  cations. 

4.  Identification  of  trivalent  and  pentavalent  antimony.  The 
identification  of  antimony  is  made  during  the  regular  scheme  of 
analysis  (Proc.  I  to  Y),  but  its  state  of  oxidation  is  not  deter¬ 
mined  at  that  time.  If  antimony  is  present  and  information  as 
to  its  condition  of  oxidation  is  desired,  treat  about  0.5  g.  of  the 
solid  unknown  with  10  cc.  of  hydrochloric  acid  and  warm  the 
mixture  for  several  minutes  at  from  60°  to  100°.  Filter  and 
evaporate  the  filtrate  to  a  volume  of  about  0.5  cc.  Thoroughly 
mix  the  concentrate  with  5  cc.  of  water,  allow  the  precipitate  to 
settle,  and  then  separate  it  by  filtration.  Dissolve  the  oxychlo¬ 
ride  in  a  small  amount  of  hydrochloric  acid.  To  the  resulting 
solution  add  a  few  drops  of  a  solution  of  potassium  iodide.  If 
pentavalent  antimony  is  present,  iodine  will  be  set  free  (dis¬ 
tinction  from  stannic  tin).  A  negative  test  indicates  the  presence 
of  trivalent  antimony.  Why  ? 

5.  Identification  of  the  permanganate  ion.  The  permanganate 
ion  is  usually  identified  by  its  purple-red  color  and  by  the  fact 
that  it  is  reduced  in  acid  solution  by  H2S  to  the  colorless  Mn+  +. 
It  is  also  readily  reduced  and  decolorized  by  sulfurous  acid. 

6.  Determination  of  the  state  of  oxidation  of  tin.  Boil  0.1  g. 
of  the  finely  powdered  original  unknown  for  two  or  three  min¬ 
utes  with  10  cc.  of  sulfuric  acid.  Filter  and  add  to  the  filtrate 
10  cc.  of  mercuric  chloride  solution.  A  white  precipitate  shows 
the  presence  of  stannous  tin.  If  this  test  fails  and  tin  is  present, 
it  is  in  the  stannic  condition. 
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7.  Identification  of  the  alkali  metals  in  silicates  which  are  not 
decomposed  by  acids.  Mix  1  g.  of  the  powdered  unknown  with 
1  g.  of  NH4C1  and  8  g.  of  precipitated  calcium  carbonate.  Ignite 
the  mixture  in  a  platinum  crucible  from  thirty  to  forty  minutes 
at  a  medium  red  heat.  Triturate  the  cooled  fusion  and  extract 
it  with  25  cc.  of  water.  Separate  the  residue  by  filtration  and 
add  to  the  solution  ammonium  hydroxide  and  ammonium  car¬ 
bonate  until  no  further  precipitation  occurs.  Filter  and  test  the 
filtrate  for  sodium  and  potassium  by  Proc.  I,  2  and  8,  after 
removing  ammonium  salts  as  directed  in  Proc.  I,  1. 

THE  ACIDIC  COMPONENTS 

General.  Much  time  can  be  saved  in  the  analysis  of  the  acid 
ions  if  the  results  obtained  from  the  analysis  of  the  cations  and 
the  preparation  of  the  solution  are  carefully  considered.  Thus, 
it  would  be  useless  to  carry  out  the  tests  given  in  the  Addenda 
unless  previous  observations  indicated  the  necessity  of  doing  so. 
It  is  to  be  further  noted  that  the  amphoteric  substances  may  be 
considered  present  in  their  acid  forms,  provided  the  water  solu¬ 
tion  of  the  original  unknown  is  alkaline.  Further,  pentavalent 
arsenic  is  always  present  as  an  acidic  component.  Both  chromic 
acid  and  permanganic  acid  are  reduced  by  hydrogen  sulfide  to 
the  chromic  ion  and  the  manganous  ion  respectively.  Again,  it 
is  to  be  noted  that  the  tests  for  certain  acid  ions  may  be  omitted 
when  their  absence  is  assured  by  the  nature,  source,  or  solubility 
of  the  given  unknown.  The  solubility,  of  course,  is  considered 
in  connection  with  the  metal  ions.  Thus,  if  a  neutral  or  slightly 
acidic  solution  contains  barium  and  silver,  the  test  for  sulfate 
and  chloride  is  useless.  It  is  also  unnecessary  to  test  a  mineral 
for  any  acid  of  the  carbonate  group  (Group  A)  except  carbonic 
acid.  A  study  of  the  solubilities  of  various  salts  in  water  and 
acids,  together  with  the  other  considerations  which  have  been 
mentioned,  will  often  shorten  the  procedure  for  the  detection  of 
the  acidic  components. 
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PROCEDURE  X 

Preparation  of  the  Solution  for  Analysis  of  the  Anions 

1.  The  solution  of  an  unknown  is  prepared  for  the  acidic 
analysis  by  dissolving  the  substance  in  water  or  dilute  nitric  acid, 
by  digesting  it  with  a  solution  of  sodium  carbonate,  or  by  fusing 
it  with  sodium  carbonate.  It  is  to  be  noted  that  iodine  is  often 
liberated  when  the  original  substance  is  treated  with  nitric  acid. 
If  iodine  is  set  free,  it  should  be  separated  with  chloroform. 
It  is  to  be  noted,  further,  that  the  phosphate  ion  is  identified 
during  the  analysis  of  the  metal  ions. 

2.  If  the  unknown  is  soluble  in  water,  giving  a  neutral  or 
acid  solution,  dissolve  3  or  4  g.  of  the  substance  in  70  cc.  of 
water.  Analyze  the  solution  after  adding  to  it  5  cc.  of  nitric 
acid  according  to  Proc.  XI.  In  case  the  original  material  does 
not  dissolve  completely  in  water,  treat  it  by  Proc.  X,  3. 

3.  To  3  g.  of  an  original  unknown  which  is  not  entirely  soluble 
in  water  add  7 5  cc.  of  normal  nitric  acid.  If  a  complete  solu¬ 
tion  results,  treat  it  by  Proc.  XI.  Should  this  treatment  fail  to 
dissolve  the  substance,  warm  it  to  75°  with  from  15  to  25  cc. 
of  nitric  acid ;  and  if  a  solution  of  the  substance  is  obtained, 
dilute  the  liquid  to  70  cc.  with  water.  If  no  precipitate  is  formed 
upon  dilution,  the  solution  is  analyzed  according  to  Proc.  XI. 
If  a  precipitate  is  formed,  the  nitric  acid  solution  is  discarded  and 
the  original  unknown  is  brought  into  solution  by  Proc.  X,  6. 

4.  If  the  original  unknown  is  soluble  in  water,  giving  an 
alkaline  solution,  dissolve  3  g.  of  the  substance  in  65  cc.  of 
water.  Acidify  5  cc.  of  the  solution  with  nitric  acid,  and  if 
no  precipitate  is  produced,  neutralize  the  other  60  cc.  with 
nitric  acid  and  then  add  5  cc.  more  of  the  acid.  Treat  the  acid 
solution  by  Proc.  XI.  If  a  precipitate  results  when  the  5  cc. 
of  the  original  is  acidified,  treat  the  remainder  of  the  solution 
by  Proc.  X,  5. 

5.  Carefully  neutralize  the  alkaline  solution  (which  gives  a 
precipitate  with  nitric  acid,  Proc.  X,  4)  with  nitric  acid.  The 
acid  should  be  added,  drop  by  drop,  allowing  the  precipitate 
to  separate  after  each  addition,  until  no  further  precipitation 
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takes  place.  Separate  the  precipitate  by  filtration  and  analyze  the 
filtrate  according  to  Proc.  XI.  Treat  precipitate  by  Proc.  X,  6. 

6.  Digest  8  g.  of  the  original  substance,  which  is  insoluble  in 
normal  nitric  acid  but  soluble  in  the  more  concentrated  acid, 
or  the  precipitate  obtained  by  Proc.  X,  5,  for  five  minutes  with 
7  g.  of  sodium  carbonate  dissolved  in  80  cc.  of  water.  Filter  the 
solution  and  just  neutralize  it  with  nitric  acid.  If  a  precipitate 
forms,  filter  again  and  add  to  the  filtrate  5  cc.  of  nitric  acid 
and  85  cc.  of  water.  Boil  the  solution  to  expel  carbon  dioxide 
and  analyze  it  by  Proc.  XI.  Reject  both  precipitates. 

7.  Substances  not  dissolved  by  concentrated  nitric  acid  are 
treated  as  follows.  W arm  8  g.  of  the  finely  powdered  original 
unknown  with  45  cc.  of  normal  nitric  acid,  filter,  and  wash  residue. 
Fuse  the  residue  with  ten  times  its  weight  of  dry  sodium  carbonate, 
until  a  clear  and  homogeneous  fusion  results.  Add  more  sodium 
carbonate  if  necessary.  Cool  the  fused  mass  and  then  boil  it  with 
water  until  it  is  disintegrated.  Filter  and  discard  the  residue. 
Test  10  cc.  of  the  solution  for  the  borate  ion,  Exp.  88  ( b ,  c,  and  d). 
Add  to  the  rest  of  the  solution  5  cc.  more  than  enough  nitric  acid 
to  neutralize  it.  Concentrate  the  solution  to  35  cc.  Filter  out 
any  silicic  acid  and  combine  this  filtrate  with  the  first  (45  cc.  of 
normal  nitric  acid).  Treat  the  combined  solutions  by  Proc.  XI. 

SCHEME  OF  ELIMINATION  OF  ANIONS1 

The  table  given  herewith  is  largely  self-explanatory.  Twenty- 
five  common  anions  are  classified  into  five  distinct  divisions  cor¬ 
responding  to  the  precipitates  which  they  form  with  BaCl2  and 
AgNOg  in  neutral  solutions,  and  the  solubilities  of  these  precipi¬ 
tates  in  HC1,  CH3COOH,  and  HNOs.  Exceptions  which  occur 
in  certain  instances  are  indicated  by  footnotes  in  the  table. 

Preparation  of  neutral  solution.  If  possible,  use  a  solution  of 
the  sample  in  H20.  In  case  this  is  not  possible,  the  addition 
of  a  few  cubic  centimeters  of  nitric  acid  or  acetic  acid  often 
overcomes  the  difficulty.  The  precipitation  of  the  heavy  metal 
ions  with  Na2C03  and  the  removal  of  the  precipitate  by  filtration 
leaves  a  clear  alkaline  filtrate.  This  filtrate  is  treated  with  nitric 
1  Credit  for  this  scheme  is  due  to  F.  W.  Bliss. 
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acid  until  the  solution  is  slightly  acidic.  Ammonium  hydroxide 
is  then  added  until  the  solution  is  ammoniacal,  care  being  taken 
that  an  excess  of  not  more  than  2  or  8  drops  is  added.  The 
ammoniacal  solution  is  then  boiled  for  two  or  three  minutes. 
This  procedure  leaves  the  solution  almost  neutral  or  only  very 
slightly  basic.  The  solution  should  not  be  unduly  concentrated 
by  this  operation.  Precipitates  of  metal  hydroxides  formed  at 
this  point  should  be  filtered  off  and  discarded. 

Small  portions  of  the  neutral  solution  are  treated  separately 
with  barium  chloride  and  silver  nitrate,  a  slight  excess  being 
added  in  each  case.  Small  portions  of  the  precipitate  given  by 
Ba++  are  tested  to  ascertain  their  solubilities  in  dilute  HC1 
and  CH3COOH.  Complete  solubility  of  the  precipitate  in  hydro¬ 
chloric  acid  proves  the  absence  of  Division  I,  while,  on  the  other 
hand,  complete  insolubility  in  the  acid  would  prove  the  absence 
of  Divisions  II  and  III,  C03=  and  S=  excepted.  A  barium 
chloride  precipitate  soluble  in  HC1  but  insoluble  in  CH3COOH 
would  prove  the  absence  of  Division  III,  COg=  and  S=  excepted, 
while  one  soluble  in  hydrochloric  acid  and  soluble  in  acetic  acid 
would  indicate  the  absence  of  Division  II.  Partially  soluble 
precipitates  may  be  ascertained  by  inspection,  or  by  filtration 
and  neutralization  with  ammonium  hydroxide. 

The  solubility  of  the  silver  nitrate  precipitate  given  by  Ag+  in 
nitric  acid  is  determined  in  the  same  manner  as  for  the  barium 
chloride  precipitate.  A  silver  nitrate  precipitate  soluble  in  nitric 
acid  proves  the  absence  of  Division  IV,  while  one  entirely  in¬ 
soluble  in  the  acid  would  prove  the  absence  of  Divisions  II  and 
III,  C03=  and  F=  excepted. 

The  fifth  division  contains  those  anions  which  are  not  precipi¬ 
tated  from  neutral  solutions  by  either  Ba++  or  Ag+  in  moderate 
dilution.  It  is  necessary,  therefore,  to  test  for  these  ions  each 
time  an  analysis  is  made.  Included  with  these  anions  is  the 
C03=  which  is  decomposed  during  the  process  of  neutralization. 
It  seems  better,  for  the  sake  of  uniformity,  to  include  C03=  in  the 
third  division,  where  it  would  precipitate  if  present. 

It  is  not  alone  by  the  solubilities  of  the  barium  chloride  and 
silver  nitrate  precipitates  that  conclusions  may  be  drawn  as  to 
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which  ions  may  not  be  present.  In  such  eases,  arising  oftentimes 
where  one  or  more  ions  of  each  division  are  present,  the  colors 
of  the  various  substances  precipitated  by  Ag+  are  very  useful  in 
deciding  which  ions  may  be  absent.  Failure  to  obtain  colored 
precipitates  when  excess  of  the  silver  ion  is  added  eliminates 
the  corresponding  -anions.  The  presence  of  several  colored  pre¬ 
cipitates  at  the  same  time  may  be  somewhat  confusing.  This 
may  usually  be  overcome  by  separation  of  the  precipitates,  as 
in  the  case  of  partial  solubility,  and  then  reprecipitation  by 
neutralization  with  dilute  NH4OH.  All  the  precipitates  obtained 
with  barium  chloride  are  white,  with  the  exception  of  BaCr04. 

The  procedure  outlined  has  a  very  limited  value  when  only 
small  quantities,  or  traces,  are  present.  It  is  absolutely  neces¬ 
sary  to  make  regular  tests  for  those  ions  about  which  there  is 
any  doubt. 

TABLE  X 


Division  I 

Division  II 

Division  III 

Division  IV 

Division  V 

Precipitate  with 
Ba+  +,  insoluble 
in  HC1.  Precipi¬ 
tate  with  Ag+, 
none 

Precipitate  with 
Ba+  +,  soluble  in 
HC1.  Precipitate 
Avith  Ba+  +,  in¬ 
soluble  in  CH3- 
COOH.  Precipi¬ 
tate  with  Ag+, 
soluble  in  HN03 

Precipitate  Avith 
Ba+  +  ,  soluble  in 
HC1.  Precipitate 
with  Ba+  +,  solu¬ 
ble  in  CH3COOH. 
Precipitate  Avitb 
Ag+,  soluble  in 
HN03 

Precipitate  Avith 
Ba+  +,  none. 
Precipitate  with 
Ag+,  insoluble 
in  HN03 

Precipitate  Avith 
Ba+  +,  none. 
Precipitate  AAitli 
Ag+,  none 

so4= 

(Cr04=,  Cr„07=) 

P04=- 

Cl- 

no2- 

so3=“ 

As03=-  f 

Br- 

no3- 

s203=* 

As04=-  f 

I- 

C103- 

C204= 

co3=f 

B02-  t 

F"§ 

s=  II 

Si03= 
C4H406-  f 

CN~ 

CNS- 
Fe(CN)6=- 
Fe(CN)6=  = 

c2h3o2- 

*  Ag+  precipitate,  white,  turns  black  immediately,  owing  to  Ag2S  formed, 
f  Precipitates  readily  with  Ba+  +  only  from  moderately  concentrated  solution. 
|  Decomposed  on  acidification. 

§  No  Ag+  precipitate.  Precipitate  with  Ba+  +  dissolves  only  in  the  presence 
of  large  excess  of  CH3COOH  or  in  the  presence  of  NH4+  salts. 

[I  No  Ba+  +  precipitate.  Ag+  precipitate  must  be  warmed  with  HN03  before 
it  will  dissolve. 
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PROCEDURE  XI 

Analysis  of  the  Acidic  Components 

In  the  following  directions  tests  are  suggested  for  the  detection 
of  the  anions.  It  is  recommended  that  other  tests  be  made  for 
these  ions  before  reporting  them  present  or  absent. 

1.  Detection  of  carbonate,  nitrite,  sulfite,  and  thiosulfate  ions. 
Treat  0.5  g.  of  the  original  substance  as  described  in  second 
paragraph  of  Exp.  26,  b.  If  a  white  precipitate  is  produced  in 
the  bottle  containing  barium  hydroxide,  carbonate  is  present. 
Acidify  one  half  the  permanganate  solution  with  sulfuric  acid 
and  add  hydrogen  peroxide  until  the  solution  is  colorless.  Test 
the  decolorized  solution  for  the  nitrate  ion  by  Exp.  48,  c  and  e.  If 
the  test  is  positive,  nitrite  is  present  in  the  original  unknown. 
Confirm  the  presence  of  a  nitrite  by  Exp.  27,  d.  Acidify  the  other 
half  of  the  permanganate  solution  with  nitric  acid  and  decolor¬ 
ize  the  solution  with  H202.  Add  a  solution  of  barium  nitrate 
to  the  colorless  solution.  A  white  precipitate  shows  the  pres¬ 
ence  of  a  thiosulfate  or  a  sulfite  or  both  ions.  To  confirm  their 
presence,  make  a  solution  of  the  original  substance  according  to 
Proc.  X.  Make  the  solution  just  neutral  to  litmus  and  test  it 
by  Exp.  31,  c. 

2.  Detection  of  hypochlorite  and  chlorate  ions.  Acidify  0.5  g. 
of  the  original  substance  with  acetic  acid.  Filter  and  test  the 
filtrate  for  a  hypochlorite  by  Exp.  29,  b  or  c.  Test  0.1  g.  of  the 
unknown  for  the  chlorate  ion  by  Exp.  30,  b  and  c.  Also,  if 
hypochlorite  is  present,  dissolve  0.5  g.  of  the.  unknown  in  50  cc. 
of  water  and  300  cc.  of  nitric  acid  and  reduce  (filter  if  neces¬ 
sary)  the  hypochlorite  by  adding  an  excess  of  sodium  arsenite 
to  the  solution.  Add  silver  nitrate  in  slight  excess  and  filter. 
Saturate  a  portion  of  the  filtrate  with  sulfur  dioxide  and  allow 
the  solution  to  stand  for  several  minutes.  A  white  precipitate 
indicates  a  chlorate ;  a  yellow  precipitate,  a  bromate  or  iodate. 
If  the  precipitate  is  not  white,  boil  the  other  portion  of  the  fil¬ 
trate  with  an  excess  of  sodium  carbonate,  and  filter.  Acidify  the 
solution  with  nitric  acid  and  then  saturate  it  with  sulfur  dioxide. 
Test  the  resulting  solution  for  the  halogens  by  Exp.  46,  /.  The 
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presence  of  chloride,  bromide,  and  iodide  shows  the  presence  of 
chlorate,  bromate,  and  iodate,  respectively.  Due  to  the  fact 
that  silver  iodate  is  little  soluble,  only  a  trace  of  iodide  could 
be  present. 

3.  Identification  of  phosphate,  borate,  and  cyanide  ions.  The 

phosphate  ion  is  identified  during  the  analysis  of  the  basic  com¬ 
ponents,  and  therefore  it  is  not  necessary  to  make  an  additional 
test  for  it.  Make  a  test  of  the  original  unknown  for  the  borate 
ion  by  Exp.  33,  b ,  e,  or  d.  Test  5  cc.  of  the  nitric  acid  solution 
of  the  unknown  for  the  cyanide  ion  by  Exp.  34,  d. 

4.  Identification  of  bromate  and  iodate  ions.  Treat  5  cc.  of  the 
nitric  acid  solution  for  the  bromate  ion,  after  making  it  neutral 
to  litmus  with  sodium  carbonate  by  Exp.  36,  e.  Another  5-cc. 
portion  is  tested  for  the  iodate  ion  by  Exp.  35,  d. 

5.  Identification  of  the  sulfide  ion.  To  5  cc.  of  the  nitric  acid 
solution  (Proc.  X)  add  cadmium  nitrate.  A  yellow  precipitate 
shows  the  presence  of  a  sulfide.  Also  test  the  original  substance 
for  sulfide  by  Exp.  37,  b  or  d. 

6.  Identification  of  ferrocyanide  and  ferricyanide  ions.  Test 
5  cc.  of  the  nitric  acid  solution  (Proc.  X)  for  the  ferrocyanide  ion 
by  Exp.  38,  b.  Using  another  5  cc.  portion  of  the  nitric  acid 
solution,  test  it  for  a  ferricyanide  by  Exp.  39,  b. 

7.  Identification  of  the  fluoride  ion.  Consult  Exp.  40,  c  and  d, 
for  tests  for  the  fluoride. 

8.  Identification  of  chromate  ion.  Add  1  cc.  of  sulfuric  acid 
to  1  cc.  of  the  nitric  acid  solution  (Proc.  X)  and  dilute  the  mix¬ 
ture  to  10  cc.  Add  to  the  solution  5  cc.  of  ether  and  hydrogen 
peroxide  as  directed  in  Exp.  41,  b. 

9.  Identification  of  SiF6  .  For  the  properties  of  hydrofluo- 
silicic  acid  see  Exp.  43. 

10.  Identification  of  sulfate  ion.  Just  neutralize  the  remainder 
of  the  nitric  acid  solution  (Proc.  X)  with  sodium  carbonate  and 
add  to  it  an  excess  of  zinc  nitrate  solution.  Filter  and  discard 
the  precipitate.  Acidify  the  filtrate  with  nitric  acid  and  add 
barium  nitrate  to  the  solution  as  long  as  any  precipitate  is 
formed.  A  white  precipitate  insoluble  in  hydrochloric  acid  is 
barium  sulfate. 
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11.  Identification  of  chloride,  bromide,  iodide,  and  thiocyanate 
ions.  Add  a  few  drops  of  ferric  chloride  solution  to  5  cc.  of  the 
filtrate  from  Proe.  XI,  10.  A  red^  coloration  shows  the  pres¬ 
ence  of  a  thiocyanate.  In  the  absence  of  the  thiocyanate  ion 
add  to  another  5  cc.  of  the  filtrate  (Proe.  XI,  10)  a  solution  of 
silver  nitrate ;  if  no  precipitate  is  formed,  chloride,  bromide,  and 
iodide  are  absent.  If  a  precipitate  is  produced,  or  if  a  thiocyanate 
is  present,  treat  the  remainder  of  the  filtrate  (Proe.  XI,  10)  by 
the  first  paragraph  of  Exp.  46,  /.  In  the  absence  of  thiocyanate, 
chlorate,  iodate,  and  bromate  a  chloride,  bromide,  or  an  iodide 
may  be  identified,  provided  only  one  is  present,  by  Exps.  44,  b, 
45,  c,  and  46,  c,  respectively.  In  the  presence  of  these  ions  treat 
about  0.2  g.  of  the  original  powdered  solid  with  40  cc.  of  water 
and  15  cc.  of  nitric  acid.  Add  to  the  solution  4  or  5  cc.  of  silver 
nitrate.  A  white  precipitate  indicates  the  presence  of  chloride 
or  thiocyanate  (see  Exp.  47,  e)  ;  a  yellow  precipitate  indicates  a 
bromide  or  an  iodide.  This  procedure  is  carried  out  to  prevent 
the  precipitation  of  silver  iodate  or  bromate.1 

12.  Identification  of  nitrate  and  perchlorate.  In  the  absence 
of  a  nitrite,  test  a  dilute  sulfuric  acid  extract  of  the  original  sub¬ 
stance  for  a  nitrate  by  Exp.  48,  c.  If  a  nitrite  is  present,  treat 
a  neutral  solution  of  the  original  unknown  by  Exp.  48,  d  or  e. 
Test  for  a  perchlorate  by  Exp.  49,  b  and  c. 

13.  Identification  of  acetate,  oxalate,  and  tartrate  ions.  The 
procedure  for  the  detection  of  the  anions  of  a  few  organic  acids  is 
usually  included  in  a  scheme  of  qualitative  analysis.  The  following 
are  tests  for  the  acetate  ion,  the  oxalate  ion,  and  the  tartrate  ion. 

Treat  a  small  quantity  of  the  unknown  solution  with  an  equal 
volume  of  concentrated  sulfuric  acid.  Add  a  small  amount  of 
alcohol  to  the  mixture  and  warm  it.  Ethyl  acetate  is  produced 
and  is  recognized  by  its  fruity  odor.  Make  a  test  with  sodium 
acetate  and  compare  the  result  with  the  preceding  one. 

1  If  the  precipitate  is  separated  by  filtration  and  the  filtrate  is  saturated  with 
sulfur  dioxide,  the  hypochlorite,  chlorate,  bromate,  or  iodate  ions  would  be  re¬ 
duced  to  their  lowest  state  of  oxidation.  In  case  a  white  precipitate  is  formed  and 
remains  when  the  mixture  is  heated  up  to  the  boiling  point,  a  chlorate  or  hypo¬ 
chlorite  was  present  originally ;  if  a  yellow  precipitate  is  formed,  a  bromate  or 
an  iodate  was  present. 
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The  tests  for  the  oxalate  .ion  are  not  entirely  satisfactory. 
Acidify  the  solution  prepared  for  the  Scheme  of  Elimination 
with  acetic  acid  and  treat  it  with  an  excess  of  calcium  chloride. 
A  white  precipitate,  CaC204,  is  formed  when  the  oxalate  ion  is 
present.  Collect  the  precipitate  and  dissolve  it  in  sulfuric  acid. 
Add  to  this  solution  a  few  drops  of  a  dilute  solution  of  potas¬ 
sium  permanganate.  The  oxalic  acid  which  is  present  decolorizes 
the  permanganate. 

Heat  some  of  the  original  material.  If  tartaric  acid  or  a  tar¬ 
trate  is  present,  gases  are  evolved  which  have  the  odor  of  burnt 
sugar.  Put  into  a  carefully  cleaned  test  tube  a  few  drops  of  the 
solution  prepared  for  the  Scheme  of  Elimination,  and  add  a  few 
drops  of  silver  nitrate.  Add  to  the  solution  ammonium  hydroxide, 
drop  by  drop,  until  the  precipitate  of  silver  tartrate  is  almost 
entirely  dissolved.  Add  water  until  the  tube  is  about  half  full 
of  liquid.  Place  the  test  tube  in  boiling  water  and  allow  it  to 
stand  for  a  few  minutes.  By  this  method  tartrates  and  tartaric 
acid  give  a  silver  mirror  upon  the  glass. 


APPENDIX 


A.  SOLUBILITIES  IN  WATER 

Under  Cm  are  given  the  gram  molecules  or  moles  per  liter,  and 

under  is  given  the  number  of  grams  of  anhydrous  salt 

held  in  100  cc.  of  an  aqueous  solution.  When  no  temperature 
is  given,  25°  may  be  assumed. 


Substance 

Cm 

Gram 

100 

Substance 

Cm 

Gram 

100 

AgBr 

0.0673 

0.04137 

Cu2I2 

0.0411 

0.0343 

AgCl 

0.0412 

0.0318 

CuS  (18°) 

0.0219 

o 

o 

to 

o 

GO 

GO 

AgCN  (20°) 

0.0516 

0.0422 

FeS  (18°) 

0.0939 

0.0g34 

Ag2Cr04 

0.0472 

0.0224 

Hg2Br2 

0.0t68 

0.0539 

Ag2F2  (15.8°) 

6.556 

168.4 

Hg2Cl2 

0.0510 

0.0447 

Agl 

0.0710 

0.0624 

Hg2I2 

0.0930 

0.072 

AgI03 

0.0319 

0.02536 

HgS 

0.0262 

0.0254 

Ag20 

0.0478 

0.0218 

MgCOg  (12°) 

0.0115 

0.097 

Ag3P04  (20°) 

0.0415 

0.03644 

MgC204  (18°) 

0.0227 

0.03 

Ag2S  (18°) 

0.01315 

0.0121 

MgF2  (18°) 

0.0216 

0.0287 

AgSCN 

0.0511 

0.0418 

MgNH4P04 

0.0458 

0.0386 

Ba(Br03)2 

0.0198 

0.788 

Mg(OH)2  (18°) 

0.032 

0.021 

BaC03  (18°) 

0.0311 

0.0222 

MnS  (18°) 

0.0738 

0.0633 

BaC2G4  (20°) 

0.0339 

0.0286 

PbBr2 

0.0264 

0.97 

BaCr04  (18°) 

0.0415 

0.0338 

PbCl2 

0.0389 

1.0786 

BaF2  (18°) 

0.0292 

0.161 

PbC03 

0.0541 

0.0311 

Ba(I03)2 

0.035 

0.028 

PbS  (18°) 

0.0132 

0.01249 

.  Ba(OH)2  (18°) 

0.216 

3.7 

PbCr04  (18°) 

0.0662 

0.042 

BaS04 

0.041 

0.0323 

Pbl2 

0.0217 

0.0762 

CaC03  (20°) 

0.0312 

0.0212 

PbS04 

0.0313 

0.0241 

CaC204 

0.0453 

0.0368 

SrC03  (18°) 

0.0475 

0.0211 

CaCr04  (20°) 

0.147 

2.3 

SrC204  (18°) 

0.0326 

0.0246 

CaF2  (18°) 

0.0320 

0.0216 

SrCr04  (18°) 

0.0259 

0.12 

Ca(OH)2 

0.022 

0.16 

SrF2  (18°) 

0.0393 

0.0117 

CaS04 

0.015 

0.208 

Sr(OH)2 

0.0633 

0.77 

CdS  (18°) 

0.0145 

0.01386 

SrS04  (18°) 

0.0362 

0.0114 

Cu2Cl2 

0.0767 

1.52 

ZnS 

0.0n3 

0.0lo33 
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B.  ION-PBODUCT  CONSTANT 


Substance 

Temperature 

Ion  Product 

I  on -Product 
Constant 

AgBr 

25° 

CAg+  X  Cbt- 

4.4 

X 

10-13 

AgCl 

.25° 

CAg+  X  Cci“ 

1.5 

X 

10-10 

Ag2(CN)2 

20° 

CAg+  x  CAg(CN)2 

2.2 

X 

io-12 

Ag2Cr04 

25° 

C2Ag+  X  Ccr04= 

2.6 

X 

io-12 

Agl 

25° 

CAg+  X  Cl~ 

1.1 

X 

10-16 

AgIOs 

25° 

Cas+  x  Cio3_ 

3.4 

X 

io-8 

Ag2S 

18° 

C2Ag"t  x  Cs~ 

1.6 

X 

10-49 

AgSCN 

25° 

CAg+  X  CsCN“ 

1.1 

X 

10-12 

BaC03 

16° 

CBa++  X  Cc03= 

1.9 

X 

io-9 

BaCr04 

18° 

CBa++  X  Ccr04= 

1.6 

X 

10-io 

BaS04 

'  25° 

CBa++  X  Cs04= 

1.0 

X 

10-10 

CaC03 

16° 

Cca++  X  Cco3= 

2.8 

X 

10 -9 

CaS04 

18° 

Cca++  X  Cs04= 

6.4 

X 

io-5 

CuS 

18° 

Ccu++  x  Cs= 

8.5 

X 

10-45 

FeS 

18° 

CFe++  X  Cs= 

1.5 

X 

10-19 

HgS 

25° 

CHg++  x  Cs= 

4.0 

X 

10-53 

MgNH4P04 

25° 

CMg++  X  CNh^-f-  X  Cpo4^ 

2.5 

X 

10-13 

MnS 

18° 

CMn++  x  Cs= 

1.4 

X 

10-15 

PbS 

18° 

Cpb++  x  Cs= 

4.2 

X 

10-28 

SrS04 

18° 

Csr++  X  Cs04= 

2.8 

X 

IO"7 

ZnS 

25° 

Czn++  x  Cs= 

1.2 

X 

10-23 

Note.  In  calculating  the  ion-product  constant  of  a  difficultly  soluble  salt 
the  degree  of  ionization  of  the  salt  must  be  considered.  Thus,  the  molar  solu¬ 
bility  of  CaS04  is  0.015.  It  is  ionized  to  53.5  per  cent.  The  concentration  of 
each  ion  is  0.535  x  0.015,  or  0.0080.  Therefore  Cca++  X  Cso4=is  (0.0080)2,  or 
6.4  x  10 ~5,  the  ion-product  constant  for  CaS04.  Difficultly  soluble  salts,  as 
.AgCl,  Agl,  and  AgBr,  may  be  considered  as  completely  ionized.  CaC204  is 
ionized  to  96  per  cent,  BaS04  to  98  per  cent,  SrSC>4  to  85.3  per  cent,  and 
PbSC>4  to  92  per  cent. 
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C.  IONIZATION  VALUES  IN  PEP  CENTS  FOR  SOME 
COMMON  ACIDS,  BASES,  AND  SALTS  IN  0.1-N  SOLU¬ 
TIONS  AT  18° 1 


Acids 


Acetic  acid,  CH3COOH  .  . 

1.34 

Hydrocyanic  acid,  HNC  . 

0.01 

Carbonic  acid,  H2C03  (pri- 

Nitric  acid,  IIN03  .  .  .  . 

92 

m ary)  . 

0.17 

Phosphoric  acid,  H3P04  (pri¬ 

Hydrochloric  acid,  HC1  .  . 

92 

mary)  . 

27 

Salts 

Ammonium  chloride,  NH4C1 

85 

Potassium  nitrate,  KN03  .  . 

82.4 

Barium  chloride,  BaCl2  .  . 

75.9 

Potassium  sulfate,  K2S04  . 

72.2 

Calcium  chloride,  CaCl2  .  . 

76.4 

Silver  nitrate,  AgN03  .  .  . 

81 

Cadmium  chloride,  CdCl2  .  . 

45.3 

Sodium  acetate,  CII3COONa 

79 

Copper  sulfate,  CuS04  .  .  . 

39.6 

Sodium  chloride,  NaCl . 

85.2 

Potassium  acetate, CH3COOK 

83 

Sodium  nitrate,  NaN03  . 

83.2 

Potassium  chlorate,  KC103  . 

82.7 

Zinc  chloride,  ZnCl2  .  .  . 

73 

Potassium  chloride,  KC1  .  . 

86 

Zinc  sulfate,  ZnS04  .  .  . 

40.5 

Bases 

Ammonium  hydroxide,  NH4OH 

1.31 

Potassium  hydroxide,  KOH  . 

91 

Barium  hydroxide,  Ba(OII)2 

77 

Sodium  hydroxide,  NaOH 

91 

D.  REAGENTS 


Solids  in  Wid e-Mouth  Bottles 


Absorbent  cotton 
Aluminium  sulfate 
Ammonium  acetate  . 
Ammonium  chloride  . 
Ammonium  fluoride  . 
Ammonium  nitrate  . 
Ammonium  persulfate 
Ammonium  phosphate 
Ammonium  sulfate  . 
Antimony  pentoxide  . 


A12(S04)3  •  18  H20 
.  .  ch3co2nh4 
.  .  .  .  NH4C1 

•  .  ■  (NB,),F, 

.  .  .  X  I  I  ,  X  (  )  ; 

•  ■  (XH4)2s2o8 

.  .  (NH4)2HP04 

•  ■  •  (NH4)j804 

•  •  .  Sb205 


1  Taken  for  the  most  part  from  a  table  given  by  Noyes  and  Falk  in  the 
Journal  of  the  American  Chemical  Society,  34  (1912),  486. 
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Antimony  trioxide . 

Arsenous  sulfide . 

Arsenic  trioxide . 

Asbestos  (long  fibers) 

Barium  carbonate . 

Barium  chloride . 

Barium  hydroxide . 

Barium  peroxide . 

Barium  sulfate  .  . 

Bismuth  nitrate . 

Boric  acid . 

Cadmium  sulfate . 

Calcium  carbonate  (precipitated) 
Calcium  fluoride  (fluorspar)  . 

Calcium  oxide . 

Calcium  phosphate . 

Chloride  of  lime  (bleaching  powder) 

Chrome  alum . 

Cobalt  nitrate . 

Copper  (foil) . 

Copper  oxide  (powdered)  .... 

Copper  sulfate . 

Copper  wire . 

Ferric  sulfate . 

Ferrous  ammonium  sulfate 

Ferrous  sulfide . 

Iodine . 

Iron  (filings) . 

Lead  dioxide  (Mn  free) . 

Lead  nitrate . 

Lead  sulfide  .  . . 

Magnesium  nitrate . 

Magnesium  oxide . 

Manganese  dioxide  (precipitated)  . 

Manganous  sulfate . 

Mercuric  nitrate . 

Mercuric  sulfide . 

Mercurous  nitrate . 

Nickelous  chloride . 

Paraffin 

Potassium  bromide . 

Potassium  carbonate . 

Potassium  chlorate . 


. Sb203 

........  As2S3 

. As203 

. BaC03 

. BaCl2  •  2  H20 

. Ba(OH)2-  8  H20 

. Ba02 

. BaS04 

....  Bi(N03)3  •  5  H20 

. h3bo3 

3  CdS04  •  8  H20,  CdS04  •  4  H20 

. CaCO, 

. CaF2 

. CaO 

. Ca3(P04)2 

.  Ca(OCl)Cl 

.  K2S04Cr2(S04)3  •  24  H20 
....  Co(N03)2  •  6  H20 

. Cu 

. CuO 

. CuS04  •  5  H20 

. Cu 

. FeS04  •  7  H20 

.  .  FeS04(NH4)2S04  •  6  H20 

. FeS 

.  h 

. Fe 

. Pb02 

. Pb(N03)2 

. PbS 

. Mg(N03)2 

.........  MgO 

. Mn02 

. MnS04  •  4  H20 

•  •  •  •  Hg(N03)2  •  2  H20 

. HgS 

......  HgNOg .  H20 

. NiCl2  •  6  H20 

. KBr 

. k2co3 

. KC10S 
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Potassium  chloride  .... 
Potassium  cyanide  .... 
Potassium  dichromate  .  .  . 

Potassium  ferricyanide  . 
Potassium  ferrocyanide  . 
Potassium  bisulfate  (fused) 

Potassium  nitrate . 

Potassium  nitrite . 

Potassium  permanganate  .  . 

Potassium  sulfate  .... 
Potassium  thiocyanate  .  .  . 

Silicon  dioxide  (silica)  . 

Soda  lime . 

Sodium  acetate  .  . 

Sodium  ammonium  phosphate 
Sodium  carbonate  (anhydrous) 

Sodium  chloride . 

Sodium  hydroxide  .... 

Sodium  nitrate . 

Sodium  nitroprusside  .  .  . 

Sodium  peroxide . 

Sodium  phosphate  (acid)  . 
Sodium  phosphate  (dibasic) 
Sodium  phosphate  (tribasic)  . 
Sodium  potassium  tartrate 
Sodium  silicate  .  .  .  .  . 

Sodium  stannate . 

Sodium  sulfide . 

Sodium  sulfite . 

Sodium  tetraborate  .... 
Sodium  thiosulfate  .... 

Starch . 

Strontium  chloride  .... 
Tartaric  acid  ...... 

Tin  (foil) . 

Tin  (granulated) . 

Turmeric  paper  (strips) 

Zinc  (dust) . 

Zinc  (granulated)  .... 

Zinc  sulfate . 

Vaseline 


. KC1 

. KCN 

. K2Cr207 

K3Fe(CN)6 
.  .  K4Fe(CN)6  •  3  H2() 

. KHS04 

. KN03 

. KN02 

. KMn04 

. K2S04 

. KCNS 

. Si02 

.  .  Ca(OH)2,  NaOH 

.  .  CH8C02Na  •  3  H20 

.  NaNH4HP04  •  4H20 

. Na2C03 

. NaCl 

. NaOH 

. NaN03 

Na2Fe(CN)5(NO)  •  2  H20 

. Na202 

.  .  .  NaH2P04  •  H20 

.  .  Na2HP04  •  12  II20 

.  .  .  Na3P04  •  12  H20 
.  NaKC4H406  •  4  II20 

. Na2Si03 

.  .  .  Na2Sn03  •  3  H2G 

....  Na2S  •  9  H20 
.  .  .  Na2S03  •  7  H20 

.  .  Na2B407  •  10  H20 

...  Na2S203  ■  5  H20 
(C6Hi0O5)x 
....  SrCl2  •  6  H20 

. h2c4h406 

.  .  .  .  .  .  Sn 

. Sn 


.  .  .  Zn 

.  .  .  Zn 

ZnS04  •  7  1I20 
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Solutions  in  Vial-Mouth  Glass-Stoppered  Bottles 


Acetic  acid . 

.  glacial 

Copper  nitrate  (cupric)  .  . 

0.1  M 

Acetic  acid . 

.  .  6N 

Cupric  sulfate . 

.  N 

Aluminium  chloride  . 

.  0.1  M 

Ethyl  alcohol . 

.  95% 

Aluminium  nitrate  . 

.  0.1  M 

Ferric  chloride  .... 

.  N 

Aluminium  sulfate  -. 

.  0.1  M 

Ferric  sulfate . 

.  N 

Ammonium  acetate  . 

.  0.1  N 

Hydrochloric  acid 

.  6  N 

Ammonium  acetate  . 

saturated 

Hydrochloric  acid  (concen¬ 

Ammonium  carbonate  . 

.  .  N 

trated)  . 

12  N 

Ammonium  chloride 

.  .  4N 

Hydrogen  peroxide  . 

•  3% 

Ammonium  hydroxide  . 

.  .  6N 

Iodic  acid  (stockroom)  .  . 

Ammonium  hydroxide 

Lead  acetate . 

.  N 

(concentrated)  .  . 

.  15  N 

Lead  nitrate . 

0.1  N 

Ammonium  nitrate  . 

.  .  4N 

Magnesium  chloride  .  . 

.  2  N 

Ammonium  oxalate  . 

saturated 

Magnesium  sulfate  . 

0.5  N 

Ammonium  phosphate  . 

.  .  M 

Manganous  chloride  . 

0.1  N 

Ammonium  sulfate  . 

.  .  M 

Mercuric  chloride .  .  .  . 

0.1  N 

Ammonium  sulfide  (colorless) 

Mercuric  cyanide  .  . 

0.1  N 

Ammonium  sulfide  (yellow)  .  6  N 

Mercuric  nitrate  .... 

0.2  N 

Ammonium  thiocyanate 

.  .  N 

Mercurous  nitrate  with  Ilg. 

0.2  N 

Antimony  trichloride 

.  0.1  M 

Methyl  alcohol  (wood  alcohol)  pure 

Arsenous  acid  .... 

.  0.1  M 

Methyl  orange  .  .  .  1  g.  per  liter 

Barium  chloride  .  .  . 

.  .  2N 

Methyl  violet 

Barium  chloride  .  .  . 

.  0.1  N 

1  part  in  12,000  parts  of  water 

Barium  hydroxide 

.  0.4  N 

Nickel  nitrate  .  .  . 

0.1  N 

Barium  nitrate  ... 

.'  .  N 

Nickel  sulfate . 

0.1  N 

Bismuth  nitrate  . 

.  0.1  M 

Perchloric  acid  .... 

.  20% 

Bromine  water 

saturated 

Phenolphthalein 

Cadmium  chloride 

.  .  N 

5  g.  in  a  liter  of  50%  alcohol 

Cadmium  nitrate  . 

.  .  N 

Picric  acid . saturated 

Calcium  chloride  .  . 

.  .  N 

Potassium  arsenate  . 

0.1  N 

Calcium  hydroxide  .  .  . 

saturated 

Potassium  arsenite  .  .  . 

0.1  N 

Calcium  nitrate 

.  .  2N 

Potassium  bromate  (stockroom) 

Calcium  sulfate 

saturated 

Potassium  bromide  . 

.  N 

Chlorine  water  .  .  . 

saturated 

Potassium  chloride 

.  N 

Chloroform . 

Potassium  chromate  .  . 

0.3  N 

Chloroplatinic  acid  . 

.  .  10% 

Potassium  cyanide 

.  N 

Chromium  nitrate 

.  0.1  M 

Potassium  dichromate  . 

0.1  N 

Chromium  potassium  sulfate  0.1  M 

Potassium  hydroxide 

.  2  N 

Cobalt  chloride 

.  .  N 

Potassium  iodide  .... 

o.i  N 

Cobalt  nitrate  .... 

N  and  1% 

Potassium  nitrate  .  . 

.  N 

Cobalt  sulfate  .... 

.  .  N 

Potassium  nitrite  .... 

0.1  N 
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Potassium  pyroantimonate  saturated  Sodium  phosphate  .  .  .  0.5  M 


Silver  nitrate . 0.2  X  Sodium  potassium  tartrate  .  M 

Silver  sulfate  ....  saturated  Stannous  chloride  .  .  .  0.1  M 

Sodium  acetate . X  Strontium  chloride  ....  X 

Sodium  chloride . X  Zinc  chloride . 0.1  X 

Sodium  nitrite . X  Zinc  sulfate . 0.1  X 


E.  APPARATUS 


5  Beakers : 

50,  100,  150,  250,  400  cc. 

2  Bottles,  wide-mouth,  250  cc. 

2  Burners,  Tyrell 
2  Casseroles,  100,  150  cc. 

2  Clamps  and  attachments 

1  Crucible,  porcelain,  Xo.  7 

2  Crucibles,  porcelain,  Xo.  8 
1  Crucible  tongs,  brass 

1  Cylinder,  graduated,  100  cc. 

1  Evaporating  dish,  diameter  7  cm. 
1  Evaporating  dish,  diameter  10  cm. 
1  Evaporating  dish,  diameter  12  cm. 
1  Fermentation  tube 

1  Filter  pump 

2  Flasks,  Erlenmeyer,  50  cc. 

1  Flask,  filtering,  500  cc. 

1  Flask,  flat  bottom,  150  cc. 

1  Flask,  flat  bottom,  300  cc. 

1  Flask,  flat  bottom,  500  cc. 

1  Forceps,  brass 
1  Funnel,  short  stem,  60  mm. 

1  F unnel,  short  stem,  80  mm. 

1  Funnel  support 


1  Mortar  and  pestle,  8.5  cm. 

1  Pinch  clamp,  Mohrs. 

3  Rings,  iron,  3  sizes 
1  Screw  clamp,  small 
1  Spatula,  porcelain 
1  Stand,  iron,  small 
1  Stand,  iron,  medium 
10  Test  tubes 
1  Test-tube  holder 
1  Test-tube  rack 
1  Thermometer,  360°  C. 

1  Tripod,  iron 

2  Watch  glasses,  50  mm. 

2  Watch  glasses,  75  mm. 

2  Watch  glasses,  100  mm. 

8  Bottles,  reagent,  150  cc. 

Ammonium  hydroxide 
Hydrochloric  acid,  concentrated 
Hydrochloric  acid,  dilute 
Xitric  acid,  concentrated 
Xitric  acid,  dilute 
Sodium  hydroxide 
Sulfuric  acid,  concentrated 
Sulfuric  acid,  dilute 


F.  SPECIAL  REAGENTS 

Dimethylglyoxime.  Dissolve  12  g.  of  dimethylglyoxime  in  1000  cc. 
of  95  per  cent  alcohol. 

Ferrous  sulfate.  Dissolve  50  g.  of  ferrous  sulfate  in  40  cc.  of 
6-normal  sulfuric  acid.  Keep  iron  nails  in  the  solution. 

Magnesia  mixture.  Dissolve  100  g.  of  ammonium  chloride  and 
100  g.  of  magnesium  chloride  in  water  and  add  to  the  solution  5  cc. 
of  concentrated  ammonium  hydroxide.  Dilute  the  solution  to  1000  cc. 
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Nitric  acid  solution  of  ammonium  molybdate.  150  g.  of  ammonium 
molybdate  is  dissolved  in  enough  water  to  make  a  liter  of  solution ; 
this  is  added  to  a  liter  of  6-normal  nitric  acid,  and  300  g.  of 
ammonium  nitrate  is  added  to  the  mixture. 

Potassium  pyroantimonate.  20  g.  of  the  salt  is  added  to  1000  cc. 
of  boiling  water,  and  the  mixture  is  kept  at  boiling  until  the  sub¬ 
stance  dissolves.  Quickly  cool  the  solution  and  add  to  it  80  cc.  of  a 
10  per  cent  solution  of  potassium  hydroxide,  and  filter. 

Sodium  hydrogen  sulfide.  Saturate  a  3-normal  solution  of  sodium 
hydroxide  with  hydrogen  sulfide.  In  each  liter  of  this  solution  dis¬ 
solve  4  g.  of  sulfur  and  3.5  g.  of  sodium  hydroxide. 

Sodium  cobaltinitrite.  Dissolve  250  g.  of  sodium  nitrite  in  500  cc. 
of  water  and  add  to  the  solution  150  cc.  of  6-normal  acetic  acid  and 
25  g.  of  cobalt  nitrate.  Allow  the  mixture  to  stand  for  a  day,  filter, 
and  dilute  to  1000  cc. 

Stannous  chloride  solution.  Dissolve  115  g.  of  stannous  chloride 
in  170  cc.  of  concentrated  hydrochloric  acid.  Dilute  the  solution 
with  water  to  1  liter  and  add  granulated  tin. 


INDEX 


Acetate  ions,  detection  of,  185 
Acetic  acid,  ionization  constant  of,  41, 
42  ;  ionization  of,  41,  189  ;  ioniza¬ 
tion  of,  in  presence  of  acetates,  56 
Acidic  components,  142,  178 
Acids,  18,  142,  178  ;  definition  of,  29 ; 
ionization  of,  40 ;  dissociation  of 
polybasic,  42  ;  action  of,  on  metals, 
84 

Alloys,  solution  and  analysis  of,  168 
Aluminium  hydroxide,  amphoteric 
character  of,  77,  94  ;  precipitation 
of,  78 ;  reaction  of,  with  cobalt 
nitrate,  94 

Aluminium  ion,  reactions  of,  94 ;  de¬ 
tection  of,  94,  102  ;  separation  of, 
from  the  ions  of  zinc  and  chromium, 
102 

Ammonia,  complex  ions  of,  89,  112  ff. 
Ammonioargentic  ion,  113 
Ammoniocupric  ion,  115,  122 
Ammonium  acetate,  solubility  of  lead 
sulfate  by,  45,  124 

Ammonium  hydroxide,  ionization  of, 
50 ;  dissociation  of,  50,  61 ;  ioniza¬ 
tion  constant  of,  50,  62  ;  action  of, 
on  mercurous  nitrate,  53  ;  ionization 
of,  in  the  presence  of  ammonium 
salts,  63 ;  precipitation  of  magne¬ 
sium  hydroxide  by,  63  ;  action  of, 
on  mercurous  chloride,  136,  139 
Ammonium  ion,  detection  of,  53  ;  re¬ 
actions  of,  53  ;  separation  of,  from 
potassium  and  sodium,  53 
Amphoteric  electrolytes,  77 
Amphoteric  hydroxides,  79 
Amphoterism,  77 

Anions,  groups  A,  B,  C,  D,  E,  142  ; 
reaction  of,  142-162 :  preparation 
of  solution  for  the  analysis  of,  179  ; 
scheme  of  elimination  of,  180 ;  an¬ 
alysis  of,  183 

Antimonate  ion,  detection  of,  177 
Antimonic  compounds,  126 
Antimonite  ion,  detection  of,  177 
Antimonous  compounds,  126 


Antimony,  ions  of,  126 ;  reactions  of, 
126 ;  separation  of,  from  arsenic, 
132  ;  detection  of,  133 
Appendix,  187 

Arrhenius’s  theory  of  electrolytic 
dissociation,  21 
Arsenates,  detection  of,  176 
Arsenic,  ions  of,  127 ;  reactions  of, 
127  ;  detection  of,  132  ;  separation 
of,  from  antimony  and  tin,  132 
Arsenic  sulfide,  colloidal,  117 ;  pre¬ 
cipitation  of,  118 
Arsenites,  detection  of,  176 
Association,  7,  15 
Atomic  theory  of  electricity,  25 
Avogadro’s  Law,  3 

Balancing  of  equations,  80  ff. 

Barium  ion,  reactions  of,  69 ;  detec¬ 
tion  of,  71  ;  separation  of,  from 
calcium  and  strontium,  71 
Bases,  18  ;  ionization  of,  44  ;  dissocia¬ 
tion  of,  44,  189  ;  displacement  of  a 
base  by  another,  57 
Basic  components,  reaction  and  pro¬ 
cedure  for  detection  of,  48,  169 ; 
analysis  of,  169 

Bead  test,  borax,  163  ;  metaphosphate, 
163 

Bismuth  ion,  oxychloride  test  for,  123  ; 
reactions  of,  123  ;  stannite  test  for, 
123  ;  detection  of,  131  ;  separation 
of,  from  copper  and  cadmium,  131 
Blowpipe  test  for  bismuth,  123 
Boiling  point,  15 

Borates,  reactions  of,  149  ;  solubility 
of,  149  ;  detection  of,  149,  184 
Boric  acid,  properties  of,  149 
Boyle’s  Law,  1 

Bromate  ion,  reactions  of,  151 ;  detec¬ 
tion  of,  151,  184 

Bromide  ion,  reactions  of,  158  ;  detec¬ 
tion  of,  158,  185 

Cadmium  ion,  complex  ions  of,  115; 
reactions  of,  121 ;  detection  of,  131 
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Cadmium  sulfide,  precipitation  of, 
111 

Calcium  ion,  reactions  of,  68  ;  separa¬ 
tion  of,  from  strontium  ion,  71,  72  ; 
detection  of,  72 
Calcium  oxalate,  57 
Calcium  salts,  solubility  of,  187 
Carbon,  169 

Carbonate  ion,  reactions  of,  143 ;  de¬ 
tection  of,  143,  183 
Carbonic  acid,  properties  of,  143 
Cations,  48 

Chemical  actions,  reversible,  36  ;  effect 
of  concentration  on,  37 ;  kinetic- 
molecular  explanation  of,  37 
Chemical  activity,  of  electrolytes,  20, 
42  ;  of  ions,  29 ;  its  relation  to  ion¬ 
ization,  29 

Chemical  change,  rate  of,  37 
Chemical  equilibrium,  36 ;  effect  of  con¬ 
centration  on,  37  ;  kinetic  explana¬ 
tion  of,  37  ;  law  of,  38  ;  factors  of, 
39  ;  of  highly  ionized  substances,  45 
Chlorate  ion,  reactions  of,  147  ;  detec¬ 
tion  of,  147,  183 
Chloric  acid,  properties  of,  147 
Chloride  ion,  reactions  of,  157  ;  detec¬ 
tion  of,  157,  185 

Chromate  ion,  reduction  of,  93  ;  de¬ 
tection  of,  94,  156 ;  reactions  of, 
156 

Chromium  hydroxide,  amphoteric 
character  of,  93 ;  oxidation  of,  by 
sodium  peroxide,  100 
Chromium  ion,  properties  of,  93 ;  de¬ 
tection  of,  102  ;  separation  of,  from 
aluminium,  102 

Cobalt  ion,  reactions  of,  98  ;  separa¬ 
tion  of,  from  nickel,  99  ;  detection 
of,  100  ;  tests  of,  for  traces,  102 
Cobalt  sulfide,  89 

Colloidal  condition,  nature  of,  116  ;  to 
be  avoided  in  analysis,  117 
Colloidal  nickel  sulfide,  89 
Colloidal  substances,  protective,  pre¬ 
cipitation  of,  117 ;  destruction  of, 
118 

Common  ion,  effect  of,  61 
Complex  ions,  of  ammonia  and  metal 
ions  of  Group  III,  89  ;  theory  of, 
112  ;  effect  of  ammonia  on  the  com¬ 
plex  ammonio  ions,  114  ;  instability 
of,  114 ;  instability  constant  of, 
114;  of  cadmium  and  copper,  115; 
destruction  of,  116 

Conductance,  equivalent,  26  ;  specific, 
26 


Copper  ion,  complex  ions  of,  115  ;  re¬ 
actions  of,  122  ;  reduction  of,  122  ; 
detection  of,  131 ;  separation  of, 
from  cadmium  ion,  131 
Cyanide  ion,  reactions  of,  150  ;  detec¬ 
tion  of,  150,  184 

Dalton’s  Law,  5 

Dichromate  as  oxidizing  agent,  83 
Dielectric  constants,  28 
Diffusion,  of  gases,  10;  of  solutes,  11 
Dissociation,  degree  of,  5 ;  of  gases,  5  ; 
electrolytic,  18  ;  of  electrolytes,  25  ; 
of  acids,  40, 189  ;  of  polybasic  acids, 
42  ;  of  bases,  44,  189 ;  of  salts,  45, 
189  ;  of  complex  ions,  113 
Distribution  of  a  substance  between 
two  immiscible  liquids,  32  ;  law  of, 
32 

Electrical  polarity,  19 
Electrolysis,  primary  and  secondary 
products  of,  19 
Electrolytes,  18  ;  active,  47 
Electrolytic  dissociation,  theory  of, 
16 

Electrons  and  ionization,  21,  80 
Equilibrium,  physical,  31  ;  metasta- 
ble,  34  ;  chemical,  36  ;  effect  of  con¬ 
centration  on,  37 ;  law  of,  38 ;  factors 
of,  39  ;  ionic,  40  ;  treated  quantita¬ 
tively,  55  ;  for  ammonia  and  water, 
61 ;  of  ammonium  hydroxide,  61 

Earaday,  24 
Earaday’s  Law,  25 
Eerric  chloride,  hydrolysis  of,  96 
Ferric  ion,  reactions  of,  96 ;  separa¬ 
tion  of,  from  manganese,  100 ;  de¬ 
tection  of,  101 

Eerri cyanide  ion,  reactions  of,  154  ; 
separation  of,  from  cyanides  and 
ferrocyanides,  154 ;  detection  of, 
154,  184 

Eerrocyanide  ion,  reactions  of,  153  ; 

detection  of,  153,  184 
Elame  reactions,  162 
Fluoride  ion,  reactions  of,  154  ;  detec¬ 
tion  of,  154,  184 
Fractional  precipitation,  66 
Freezing  points,  determination  of 
molecular  weight  by,  14  ;  law  of,  14 
Fused  salts,  electrolysis  of,  19 

Gases,  laws  of,  1  ff. ;  properties  of,  1 
Groups,  of  cations,  48  ;  of  anions,  142 
Guldberg  and  Waage,  law  of,  38 
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Hydrocyanic  acid,  properties  of,  150 
Hydroferricyanic  acid,  154 
Hydroferrocyanic  acid,  153 
Hydrofluoric  acid,  154 
Hydrogen  ion,  conductance  of,  24 ; 
concentration  of,  for  the  precipita¬ 
tion  of  Group  II,  112 ;  tests  of,  for 
concentration,  122 

Hydrogen  sulfide,  dissociation  of,  43, 
106  ;  ionization  of,  43,  106  ;  precipi¬ 
tation  by,  106 

Hydrolysis,  of  salts  of  active  acids 
and  active  bases,  74 ;  of  salts  of 
active  bases  and  weak  acids,  74  ;  of 
sodium  sulfide,  75,  107  ;  of  alumin¬ 
ium  sulfide,  76 ;  of  salts  of  active 
acids  and  weak  bases,  76  ;  of  salts 
of  weak  acids  and  weak  bases,  76 ; 
of  ammonium  sulfide,  107 
Hydrolytic  constant,  105 
Hydroxyl  ion,  conductance  of,  24 
Hypochlorite  ion,  detection  of,  146 ; 

reactions  of,  146,  183 
Hypochlorous  acid,  properties  of,  146 

Instability  constant,  114 
Iodate  ion,  reactions  of,  151 ;  detec¬ 
tion  of,  151,  184 
Iodic  acid,  properties  of,  151 
Iodide  ion,  reactions  of,  159  ;  detection 
of,  159, 185 ;  separation  of ,  from  chlo¬ 
ride  ion  and  bromide  ion,  159,  185 
Ion,  common,  61 
Ionic  interactions,  40 
Ionization,  theory  of  Arrhenius  re¬ 
garding,  21 ;  in  solvents  other  than 
water,  27,  67 ;  application  of,  to 
analysis,  28 ;  and  dielectric  con¬ 
stants,  28 ;  of  acids,  40,  189 ;  and 
chemical  activity,  42  ;  in  steps,  42  ; 
primary  and  secondary,  of  H2S,  43  ; 
of  bases,  44,  189 ;  of  salts,  45,  189 ; 
in  mixed  solvents,  67 
Ionization  constant  of  water,  75 
Ionization  constants,  42 
lonogens,  20 

Ion-product  constancy,  application  of 
the  principle  of,  57  ff. 

Ions,  independent  migration  of,  22  ; 

mobilities  of,  23 ;  hydration  of,  27 
Iron,  reactions  of  the  ions  of,  96 ;  de¬ 
tection  of,  101 

Law,  of  Boyle,  1  ;  of  Charles,  1  ;  of 
Avogadro,  3 ;  of  Dalton,  5 ;  of 
freezing  points,  14  ;  of  Kohlrausch, 
23;  of  Faraday,  25;  of  physical 


equilibrium,  31 ;  of  chemical  equilib¬ 
rium,  38  ;  of  Guldberg  and  W aage, 
38  ;  of  molecular  concentration,  38 
Lead  acetate,  ionization  of,  45 
Lead  ion,  reactions  of,  124,  139 ;  de¬ 
tection  of,  130,  140 

Lead  sulfate,  solubility  of,  in  ammo¬ 
nium  acetate,  45,  124 

Magnesium  hydroxide,  60 
Magnesium  ion,  nonprecipitation  of, 
by  ammonium  hydroxide  in  the 
presence  of  ammonium  salts,  62,  69  ; 
reactions  of,  69  ;  detection  of,  71 
Manganese  ion,  reactions  of,  95 ;  de¬ 
tection  of,  100 

Manganous  sulfide,  precipitation  of, 
109 

Mass  action,  law  of.  See  Law  of 
chemical  equilibrium 
Mercuric  chloride,  ionization  of,  45 
Mercuric  cyanide,  ionization  of,  45 
Mercuric  ion,  reactions  of,  128 ;  de¬ 
tection  of,  132 

Mercurous  ion,  reactions  of,  139  ;  de¬ 
tection  of,  140  ;  separation  of,  from 
silver,  140 
Metaborate  ion,  149 
Metaphosphate  bead  test,  163 
Mobilities  of  ions,  33 
Molecular  weights,  4,  14 

Neutralization,  29,  41 
Nickel  cyanide,  90 

Nickel  ion,  reactions  of,  97  ;  detection 
of,  99  ;  separation  of,  from  cobalt,  99 
Nickel  sulfide,  97 

Nitrate  ion,  reactions  of,  160 ;  detec¬ 
tion  of,  160,  185 
Nitric  acid,  160 

Nitrite  ion,  reactions  of,  144 ;  detec¬ 
tion  of,  144,  183 
Nitrous  acid,  144 

Organic  matter,  detection  of,  162 ; 

destruction  of,  163 
Orthoboric  acid,  149 
Osmosis,  10 

Osmotic  pressure,  measurement  of,  10 
Oxalate  ion,  detection  of,  186 
Oxidation  and  reduction,  definition 
of,  80  ;  electronic  conception  of,  80 ; 
reactions  involving,  80  ff. 

Perchlorate  ion,  reactions  of,  161 ; 

detection  of,  161,  185 
Perchloric  acid,  161 
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Permanganate,  identification  of,  177 
Permanganates,  oxidation  by,  82 
Phases,  31 

Phosphate  ion,  as  a  complicating  fac¬ 
tor,  92,  101  ;  detection  of,  101,  148, 
184  ;  reactions  of,  148 
Phosphoric  acid,  148 
Physical  equilibrium,  31 
Potassium  ion,  reactions  of,  51  ;  detec¬ 
tion  of,  54 ;  in  silicates  not  decom¬ 
posed  by  acids,  178 
Precipitation  and  solution,  principle 
of,  57  ff. 

Preparation  of  solution,  of  the  cations, 
164 ;  of  an  alloy,  168  ;  of  the  anions, 
179 

Primary  ionization,  43 
Procedure  I,  53 
Procedure  II,  70 
Procedure  III,  98 
Procedure  IV,  129 
Procedure  V,  139 
Procedure  VI,  163 
Procedure  VII,  164 
Procedure  VIII,  169 
Procedure  IX,  176 
Procedure  X,  179 
Procedure  XI,  183 

Qualitative  chemical  analysis,  defini¬ 
tion  and  scope  of,  vii 

Reactions,  in  the  dry  way,  viii ;  in  the 
wet  way,  ix  ;  effect  of  concentration 
on,  37  ;  rate  of,  37;  kinds  of,  80 
Reduction,  definition  of,  80 
Repression,  of  ionization  by  common 
ions,  56 ;  of  a  weak  acid  by  an 
active  one,  57 

Secondary  ionization,  43 
Silicates  or  silicon  dioxide,  identifica¬ 
tion  of,  163,  168 

Silver  ion,  complex  ions  of,  112,  137  ; 
properties  of,  137  ;  detection  of,  140 


Sodium  ion,  reactions  of,  52 ;  detec¬ 
tion  of,  54 ;  in  silicates  not  decom¬ 
posed  by  acids,  178 
Solubilities,  table  of,  187 
Solubility  of  finely  divided  substances, 
35 

Solution,  8 ;  state  of,  9 ;  saturated, 
10,  33 ;  supersaturated,  33 
Solution  pressure,  9 
Specific  electrode  potentials,  84 
Stannic  ion,  properties  of,  124  ;  detec¬ 
tion  of,  177 

Stannous  ion,  properties  of,  124  ;  de¬ 
tection  of,  177 

Strontium  ion,  reactions  of,  69  ;  de¬ 
tection  of,  71 

Sulfate  ion,  detection  of,  156,  184 
Sulfide  ion,  concentration  of,  in  satu¬ 
rated  solution  of  hydrogen  sulfide, 
107  ;  effect  of  hydrogen  ion  on,  107  ; 
properties  of,  152 ;  detection  of, 
152,  184 

Sulfite  ion,  reactions  of,  145  ;  detec¬ 
tion  of,  145,  183 
Sulfuric  acid,  156 
Sulfurous  acid,  145 
Systematic  analysis  of  an  unknown, 
162  ff. 

Tartrate  ions,  detection  of,  186 
Tetraborate  ions,  149 
Theory  of  precipitation,  57 
Thiocyanate  ion,  reactions  of,  160 ; 

detection  of,  160,  185 
Thiocyanic  acid,  160 
Tin,  detection  of  ions  of,  133,  177 

Valency  and  oxidation-reduction,  80 
Van’t  Hoff’s  extension  of  Avogadro’s 
Law,  13 

Water,  ionization  of,  75 

Zinc  ion,  reactions  of,  93 ;  detection 
of,  103 
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